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STRUCTURE AND REACTIONS OF THE 
BORON HYDRIDES 


W. N. Lipscome 
School of Chemistry, University of Minnesota, Minneapolis, Minnesota 


(Received 17 December 1958) 


Abstract—A systematic classification is proposed for the simpler reactions of the boron hydrides 
The three main types are reactions of the bridged BH, group, reactions of the hydrogen atoms, and 
oxidation-reduction reactions, 


le boron hydrides and their simpler derivatives undergo a wide variety of reactions. 
Many of these, such as the oxidations of fuels based on these compounds, are rather 
violent and but little understood at present. But a number of simpler reactions also 
occur in which the major parts of the molecule involved are not greatly changed. It 
is these relatively non-violent reactions that receive simple descriptions in terms of 
the established structures of B,H,, B,H,o, B;H,,, B,H,, on the one hand and B,H,, 
B,H,, and B,,H,, on the other. 

These hydrides are well characterized at the present time. Their structures are 
now established with reasonable certainty by spectroscopic techniques for B,H, and 
by X-ray diffraction evidence for all of the others, along with, however, concurrent 
though less conclusive electron diffraction evidence for B,H, and B,H, , and later 
microwave and nuclear resonance confirmation for these and other members of 
this series. A summary of these investigations and of a consistent valence theory 
will shortly appear."’ Some of the simpler aspects of the molecular geometry and 
charge distribution will become essential in the description of the reactions. Three- 
dimensional aspects of the structures are here less important than characteristic 
groups of atoms in these molecules and charge distribution. Hence topological 
representations’ are used in which the molecules are flattened out in a plane. The 
admittedly approximate three-centre bond descriptions’**’ are employed, where 
appropriate, in such a way that all electron pairs are in covalent bonds, and every 
boron has four bonds and every hydrogen has one bond. These valence descriptions 
allow a crude approximation to be made of the charge distribution in these molecules. 


TYPES OF REACTIONS OF BORON HYDRIDES 


The most successful attempt to correlate the simpler reactions of the boron 
hydrides has been made by Parry and Epwarps,”’ who classify reactions into 
cleavage of hydrides to give BH, or a derivative of BH,*, and reactions involving 
loss of H, or of H*. Aside from these four reactions, three of which appear with less 


! W. N. Lipscomep, Advances in Inorganic and Radiochemistry Vol. 1. Academic Press, New York (1959) 

» R. E. Dickerson and W. N. Lipscoma, J. Chem. Phys. 27, 212 (1957) 

* W. H. Esernarprt, B. L. Crawrorp, Jr. and W. N. Lipscoms, J. Chem. Phys. 22, 989 (1954) 

 W. N. Lipscomp, J. Phys. Chem. 61, 23 (1957) 

 R. W. Parry and L. J. Epwarps, To be published; also 133rd Meeting, Amer. Chem. Soc., San 
Francisco, April 13-18 (1958). Abstract 19, p. 8L. 
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generalization in the earlier literature, there is direct physical evidence from exchange 
reactions of internal hydrogen rearrangement, as well as evidence for some of the 
above reactions, from the extensive studies of isotopic exchange by Koski and his 
co-workers. In addition, substitution of H by a halogen at the sites of the most 
negative H atoms,” and possible addition of H* to a single bond*) have been 
suggested, and some preliminary evidence of a gross mechanism for the condensation 
reaction to form has been obtained.’ 

One can trace some aspects of these types of reactions to the many able research 
investigations of Stock,” who discovered all but one* of the presently known boron 
hydrides, and whose work forms the starting point of most research in this area. 
Even before any structural features were known, STOcK classified the hydrides into a 
B,.H,,..4 series and a “‘less stable’ B,,H,,,, series. The later studies of structures and 
their relations to the reactions have retained this classification with the exception that 
B,H, really belongs in the B,H,,,, series, all of which have BH, groups‘ having 
bridge bonds to the remainder of the molecule. This series of compounds, B,H,g, 
B,H,,. B;H,, and B,H,,, show reactions characteristic of the bridged BH, group, as 
well as some of the reactions of the “more stable” series, B;Hy, BgH,, and B, )H,,, 
none of which have a BH, group. The simpler reactions of the ‘‘more stable”’ series 
are those involving the hydrogen ion or atom in some way. A brief discussion and 
illustration of these individual reactions is an illustration of the impact of the structure 
determinations and valence theory on the chemical aspects of the boron hydrides. 


1. Cleavage yielding BH, 

Although BF3, BCl,, etc., exist, BH, does not, because there are no orbitals of the 
H, group which have the same symmetry as the vacant 7 orbital of B. Hence BH, 
co-ordinates readily with a great number of electron donors such as N(CHs)s. 
Cleavage of B,H, to 2 BHs, followed by reaction of BH, with B,H,, has long been 


recognized as the initial reaction in the condensation of diborane to higher hydrides. 
Thus the existing evidence regarding BH, is from relatively indirect kinetic studies 
but its co-ordination compounds are widely known. 

The exchange of BH, as an entity in diborane has been established by study of 
isotopic exchange by Maysury and Koski." There are indications” that BH, 
exchange also occurs as part of the mechanism of isotopic exchange in B;H,, and 


* The recent isolation of B,H,, by R. SCHAEFFER is a very significant contribution. 
W. S. Koski, 133rd Meeting, Amer. Chem. Soc., San Francisco, April 13-18 (1958). Abstract 44, p 181 
W. N. Lipscomes, J. Chim. Phys. 515 (1956). 
W. N. Lipscomn, J. Phys. Chem. 62, 381 (1958). 
’M. Hittman, D. J. MANGOLD and J. H. NORMAN, 133rd Meeting, Amer. Chem. Soc., San Francisco, 
April 13-18 (1958). Abstract 43, p. 181. 
A. Stock, Hydrides of Boron and Silicon. Cornell University Press, New York (1933) 
“) F. L. Hirsurecp, K. Eriks, R. E. Dickerson, E. L. Lippert, Jr. and W. N. Lipscoma, J. Chem. Phys 
28, 56 (1958). 
2) P_C. Maysury and W. S. Koski, J. Chem. Phys. 21, 742 (1953) 
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Structure and reactions of the boron hydrides 


B, Hy, as well. It is possible that BH, exchange is a general reaction” of all hydrides 
containing BH, groups. 

Many of the reactions of B,H,, have been interpreted by Parry and Epwarps"? 
and co-workers as cleavage to BH, and B,H,, both co-ordinated to a Lewis base. 
For example, the reaction with N(CH,), is 


H 
Hy H 
NC H or 
B\ g BH.N(CH,)5+ 
NIC ) 
\ 
N(CH3)3 


This reaction can be followed by a further reaction of the B,H, adduct with N(CH,).. 
Other Lewis bases, except for NH, give similar reactions. The structures for 
(CH;),;NB,H, are suggested on the basis of the very careful study by NorDMAN 
et al."® of NH,B,H,. 

A simple extrapolation suggests that B,H,, undergoes a similar cleavage: 


Neither this reaction nor the reaction product are known, but the structure of B,H,, 
is known to be very similar to the B,H,, and B;H,, structures. 
The B;H,, molecule reacts with CO to produce BH,CO and B,H,CO. Although 


CO, BH,CO + 


it is possible to formulate Bs,H,CO as a derivative of B,H,», further structural and 
chemical studies are desirable. In particular, there is a possibility that this reaction 


™) C. E. NorpMAN, C. Riemann and C. R. Peters, 133rd Meeting, Amer. Chem. Soc., San Francisco, 
April 13-18 (1958). Abstract 109, p. 46L. 
") A. BurG, Discussion, 133rd Meeting, Amer. Chem. Soc. San Francisco, April 13-18 (1958). 
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W. N. Lipscoms 
proceeds through an intermediate form of B;H,, which may have four bridge 
hydrogens."!!) 


2. Cleavage yielding BH,* derivatives 


Ammonia does not produce the BH, cleavage described above. In view of the 
traditional interpretation of the simpler ammoniates of boron hydrides as ammonium 
salts, the reformulation and proof by SCHULTZ ef al. that these are BH,(NH,),* 
salts is a major achievement.) The discovery" that B,H,, forms a diammoniate, 
not a tetraammoniate,"'” has led to the suggestion by KODAMA"”? that B,H,o"2NH, is 
also a salt containing the known H,B(NH,),* ion™® and B,H, ion." Thus the 
reactions of NH, with B,H, and B,H,, are 


NH. 
"> HB NH3)5 + BH, 


This reactign has not been studied and the B,H,, ion has not been observed. How- 
ever, itis among those suggested by the topology,* and the B,H,, obtained by addition 
of H™ to the exposed single bond has also been suggested.’ Addition of H* is 
suggested below as a possible reaction'*) of certain hydrides and ions. 

A similar reaction of NH, with B;H,, occurs." While the initial step is probably 
similar to that described for the other hydrides containing BH, groups, and may 
involve an intermediate form of B;H,,, the ensuing reactions appear to complicate 
the details and hence further experimental data are desirable. 


") D. R. Scuuttz, S. G. Sore, R. W. Parry, G. Kopama and P. R. Girarvort, J. Amer. Chem. Soc. 80 
1 (1958). 


**) G. Kopama and R. W. Parry, Proc. Int. Cong. Pure and Applied Chem. p. 483. Paris, July (1957) 
") G. KopaMa, Ph.D. Dissertation, t niversity of Michigan (1957). 
W. V. Houcn, L. J. Eowarps and A. D. McELroy, J. Amer. Chem. Soc. 78, 689 (1956). 
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Structure and reactions of the boron hydrides 


Details of the mechanism of formation of BH,(NH,),* from these compounds 
are not known as yet and it is not necessarily to be inferred that the initial step is the 
ionization of BH,*. Indeed, other possible paths seem more likely.“ 

Reaction products of NH, with hydrides as stable as B;H, and B,,H,, are known 
but have not been subjected to structural studies. It seems possible that they are 
based upon different principles than those for hydrides containing BH, groups, or at 
least they may contain hitherto-unknown ions. 


3. Possible addition of BH, through a three-centre bond 

The reaction” of B,H, with BH,” to give B,H,~ is possibly a somewhat general 
type of reaction for negative boron hydride ions and possibly the hydrides as well. 
Only one reasonable structure, two BH, groups linked by a three-centre BHB bond, 
seems possible. The recent suggestion by NoRDMAN,'*" that BH,NH, might possibly 
be linked to a B,H, group by a central three-centre bond in NH;B,H, is closely 
related to this structural interpretation of distinct BH, groups, and leads naturally to 
the linking of BH, similarly to B,H, as a possible structure, noted above, for B,H,~. 
The presence of these discreet BH, groups, in which none of the hydrogens are bridged, 
requires a very simple extension of the present topological and valence theory of the 
boron hydrides and their ions. 


4. Loss of a bridge hydrogen ion 

Both nuclear spin resonance results'**-** and theoretical calculations™*” agree 
that the bridge hydrogens in diborane are more negative than the terminal hydrogens. 
If it is legitimate to extend these results to the higher boron hydrides it is indeed 
remarkable that the bridge hydrogens appear to be the more acidic. However, if a 
terminal hydrogen ion is lost, an electron pair remains adjacent to a valence situation 
that normally would require the electron pair for other interactions, and therefore 
quite probably a drastic change in the structure. But if a bridge hydrogen is lost, 
the structure of the ion requires far less drastic changes than if a terminal hydrogen 
ionizes off because the BHB bond is simply replaced by an ordinary B—B 
bond.‘ 

The simpler reactions of B,H,, B,Hy». B;H,, and B,H,, are actually or presumably 
dominated by characteristic reactions of the bridged BH, groups: they also show 
some of the reactions involving hydrogen in one way or another. However, it is 
usually far easier to examine this reaction and later reaction types in the “more 
stable” series B;Hy, BgHy, and B, 

That B,)H,, has acidic hydrogens was shown in an unpublished preparation of 
NaB,,H,,; by E>warps and HouGH. This result was established independently and 
in more detail by GuTeR and Scuagrrer.® The important conclusion that the bridge 
hydrogens are involved appears to have been discovered by a number of groups: 
EDWARDS and GriLLo; ATori and KLINgE; TAYLOR and PARRY; SCHAEFFER and 


' R. W. Parry and S. G. SuHore, J. Amer. Chem. Soc. 80, 15 (1958). 
"° H. C. Brown, P. F. Stence and P. A. Tierney, J. Amer. Chem. Soc. 79, 2020 (1957). 
E. NorpMAN, Private Communication. 

2) R. A. Oca, Jr., J. Chem. Phys. 22, 1933 (1954) 

‘'%) J. N. Scnoorery, Disc. Faraday Soc. 19, 215 (1955) 

‘) W. Hamitton, Proc. Roy. Soc. A 235, 395 (1956). 

') M. YAMAZAKI, J. Chem. Phys. 27, 1401 (1957). 

) G. A. Guter and G. W. Scuaerrer, J. Amer. Chem. Soc. 78, 3546 (1956) 


5 
1 

ol, 

11 

959 


W. N. Lipscoms 


co-workers; and HAWTHORNE and MILLER.) The task of an historian is made 
somewhat difficult by the fact that only one of these accounts appears in the published 
literature. 

The possibility that loss of H~ from a bridge bond is a general reaction of the boron 
hydrides has been suggested from both chemical) and physical‘ points of view. 
Not all bridge hydrogens are equivalent in hydrides such as B;H,,, B,H, and B,H,,. 
and hence an extension of the present valence theory seems possible to predict which 
bridge hydrogens will be more easily ionized. 


5. Possible addition of H* 

The loss of H* from a BHB bridge bond to leave a single B—B bond is reversible 
and hence leads to the suggestion’*’ that H* may add to an exposed B—B bond on 
the edge of a molecule. Only B,H,, among the known hydrides. has this geometrical 
feature and it is interesting that the resulting hypothetical B,H,,* ion'**’ has molecular 
orbitals exactly like those of B;Hg. 


6. Intramolecular hydrogen exchange 

The possibility that hydrogen atoms can rearrange within boron-hydride-like 
molecules was first established"*” in the nuclear resonance study of Al(BH,),. This 
process seems to me to be the simplest interpretation of the relative intensities of the 
equally spaced proton hyperfine structure of the ''B resonance lines of the B,H,~. 
Less rapid intramolecular rearrangement of H atoms has been reported by MAYBURY 
and Koski" to occur in B;H,, and B,H,) on the basis of isotopic exchange 
experiments. 

The mechanism of intramolecular exchange is not certain, but a very suggestive 
transformation constitutes the only remaining ambiguity in the present valence 


H 


B - 


B B B B 


theory, and occurs in several pairs of possible structures and possible reaction 
intermediates. For example, this ambiguity in BgH,, appears to favour the struc- 


H 
i=) 


H H 


ture with no BH, groups. On the other hand, the reverse reaction could possibly be 
favoured in negative ions such as B,,H,, because BH, groups connected to as many 
as three adjacent boron atoms are relatively negative.”’ This mechanism, or a similar 
one such as that described in Section 2 above, could easily account for the internal 
27) M. F. HawTHorne and J. J. Miter, J. Amer. Chem. Soc. 80, 754 (1958). 


'28) Lipscoms, J. Chem. Phys. 28, 170 (1958). 
®@*) R. A. OaG and J. D. Ray, Disc. Faraday Soc. 19, 239 (1955). 
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Structure and reactions of the boron hydrides 


exchange which occurs in B,;H,~, and somewhat similar intermediates can be drawn 
for the other hydrides. This possibility of internal rearrangement, due probably to 
the relatively expanded orbitals around boron, particularly in the negative boron 
hydride ions, adds to the usual difficulties of making predictions of structure and 
reactivity in this field of chemistry. 


7. Possible electron addition 


Of all the boron hydrides, only B,,H,, appears to be capable of adding two 
) Y P 
additional electrons to give a satisfactory valence structure.‘*) Again it may be 


noticed that when an exposed single bond is adjacent to a bridge hydrogen, tautomers 
containing BH, groups may be observed."*” If this situation occurs, as has been 
suggested,"’) in the recently reported'*"’ B,,H,,-* ion, then B,yH,.(CH,CN), 
can be regarded‘*” as a substitution product of B,,H,,*. The linear (CH,CN) 
groups require an additional pair of electrons in the boron framework. 


8. Loss of hydrogen 


In the polymerization of B,H, to the higher hydrides, the first observable products 
are B,H,, and B;H,,. This series of reactions produces H, but the details of the 
mechanism are not yet clarified. In particular, the first stage, 


BH, T BH, < = 
seems to be well established by the 3/2 power dependence of the initial rate on the 


diborane concentration and by isotopic exchange studies. The possible ambiguities 
in the following stages are summarized thus: 


(B,H, BH,) (BsHy or (ByHys(2) + Hy) (B,H,, + H, or) 
> a 
| |B,H, |B,H,, BH, | 


Further isotopic studies and studies of hydrogen inhibition are very desirable. 
However, the loss of H, at various stages seems relatively certain in these and later 
stages of the reaction. At least one reaction, B,H,, > B,H, + Hy, has been shown 
by isotopic exchange studies not to be involved at about 45° in times around 2 hr. 
9. Condensation and polymerization reactions 

How the further products B;H,, B,,H,, and the polymers are produced in later 
stages of the reaction is not known. The only available isotopic tracer study‘”’ gives 
” J. Reppy and W. N. Lipscomp, J. Amer. Chem. Soc. 81, 754 (1959) 


R. Toentskoerrer, G. W. Scnaerer, E. C. Evers and G. E. Bactey, 134th Meeting Amer. Chem. 
Soc. Chicago, Sept. 7-12 (1958). pp. 23-24 
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the very suggestive result that in the B,H, + B;H, reaction to give B, )H,, half of 
the boron atoms in B,,H,, come from the B;H, and half from the B,H,. 


10. Substitution or replacement of H atoms 

Reactions involving substitution of a halogen atom for hydrogen were studied 
many years ago by Stock,"®’ who mentions B,H;X, B,)»H,,X, among other halogen 
(X) derivatives. Recently Koski has shown that the terminal hydrogen atoms 
exchange in B;H, and B, )H,,. A number of other halogen derivatives of these 
most-stable hydrides, B;H, and B,,)H,,, have been prepared and their structures have 
been established by a combination of X-ray and nuclear resonance techniques. ‘*?? 

The possibility of the substitution of halogen atoms at the most negative boron 
atoms was suggested" by analogy with organic reactions, and indeed was one of the 
reasons for the detailed discussion of charge distribution in the valence theory."?-* 
Detailed charge distribution is a difficult aspect of valence theory, and hence only 
the major features can be expected from a crude approximation such as the three- 
centre bond picture. Nevertheless, the valence theory appears to be successful in 
choosing the most negative of the boron atoms in B;H, and B,,H,,: it predicts 
successfully that halogen substitution takes place most readily at the apex boron 
atom in B;H, and at the two boron atoms of type‘ III in B,,H,,. The existence of 
two different B,yH,,! molecules,"**) however, must lend caution to acceptance of this 
mechanism of substitution in all reactions, or at least should lead to further study. 
Finally, it cannot be reasonably expected that all details of the charge distribution be 
correct because the electron pairs are surely overlocalized in the three-centre bond 
description. 


11. Substitutional attack by an electron donor 


Sufficiently mild attack by an electron donor, so that only substitution takes 
place, is apparently not possible in those hydrides containing BH, groups, but seems 
to occur in B,yH,, and may occur in B;H, or, less likely, in B,Hy). The question of 
which boron atom in B,9H,, is most susceptible to attack is not clear") because of 
neglect in the early valence theory of the bridge hydrogens. The experimental 
evidence,"**) that the boron atom attached to two bridge hydrogen atoms is the point 
at which the electron pair of the N atom of CH,CN adds to B,)H,,, suggests that 
this boron atom has been rendered relatively positive by the bridge hydrogens. This 
effect may be more important in this 1egion of the B,,H,, molecule than the relative 
formal charges assigned only on the basis of the boron framework bonds in the early 
theory."* 


*’ R. Scuaerrer, J. N. ScHOoLery and R. Jones, J. Amer. Chem. Soc. 80, 2670 (1958). 
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THE ELECTRONIC STRUCTURE OF THE 
COMPLEX Fe.C,,H,O, 


D. A. Brown* 


European Research Associates, s.a.. 95, rue Gatti de Gamond, Brussels 


(Received 2 Januar) 1959) 


Abstract—The electronic structure of the complex Fe,C,,H,O,, the structure of which has recent!y been 
determined by X-ray analysis, is discussed in terms of molecular-orbital theory. It is suggested that 
through the formation of bent three-centre z-orbitals the electronic structure is similar to that of the 
hypothetical symmetrical case involving a cyclobutadiene ring. 


THE very unusual structure found by X-ray methods") for the complex Fe,C,,H,O, 
raises some interesting theoretical problems. In fact, this compound may be regarded 
as related to the hypothetical symmetrical binuclear complexes already discussed? 
in which the presence of conjugated ring systems, such as cyc/obutadiene, is assumed. 
In the symmetrical compounds it is found that three-centre orbitals will be formed by 


co 


Fe. 
co co 
co 


Fic. |.—Simplified representation of Fic. 2a and b- Orientation of the co-ordinate 
MILLS’s structure of Fe,C,.H,O, systems of the separate iron atoms 


the overlap, on either side of the ring plane, of z-orbitals, of the same symmetry, on 
the two metal atoms. However, in the case of the above compound, similar orbitals 
will be formed which may be regarded as “*bent”’ since the respective overlaps occur in 
planes which are approximately at right angles. Indeed the interactions between the 
two iron atoms and the butadiene residue are similar to those existing in two possible 
models of the cis-butadiene iron-tricarbonyl complex. 

We give a simplified version of MILLs’s structure in as much as the three-fold 
symmetry axis of the lower Fe(CO), group is presumed to be perpendicular to the 
plane of the other grouping (Fig. 1). Figs. 2a and 2b give the orientations of the 
co-ordinate systems of the separate iron atoms with respect to the butadiene residue. 

Let us consider first the iron atom Fe,. The o-bonds to the three carbonyl groups 


* Present address: Department of Chemistry, Queen Mary ¢ ollege, University of London, Mile End 
Road, London 
" A. A. Hock and O. S. Mitts, Proc. Chem. Soc. 233. (1958) 
™ D. A. Brown, J. Inorg. Nucl. Chem. 10, 39 (1959) 
” B. F. Hattam and P. L. Pauson, J. Chem. Soc. 642, (1958). 
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and carbon atoms | and 4 will be formed from the atomic orbitals 3d.2, 48, 4p, 4p,, 
4p, and 3d,» ,», with the formation of an additional non-bonding orbital directed 
below the plane of the ring. The details of the mixing of these orbitals are, of course, 
difficult to predict and we shall denote these a-bonds purely formally as, for example, 
(3d,2/48/4p, ¢,,.) where this orbital relates to the bonding of the out-of-plane carbonyl 
group. Any interaction of the 3d,,-orbital will be small and is neglected. We must 
now consider the interaction of the remaining 3d,.,,. orbitals with the 7-orbitals of the 
butadiene residue. It is preferable to combine these metal orbitals to give one directed 
symmetrically towards the ring (3d,..) and one parallel to the C.-C, axis (3d,...). In 
this case overlap calculations for the corresponding butadiene-iron-tricarbonyl 
system'* show that interactions of the form ( la, 3d...) and (1b, 3d,.,.) are considerable 


(where la, and 1h, denote the filled symmetric and anti-symmetric orbitals of 


butadiene respectively) and hence indicate that metal 7-bonding in this plane must be 
taken into account when discussing the complete electronic structure. 

On considering the second iron atom it is evident that the trigonal group of o-bonds 
of the tricarbonyl system will, with the above choice of axes, be formed from metal 
hybrids of the type (4s/4p.a,), (3d,./4p,e,) and (3d,./4p,e,). The interaction of the 
7-electrons of the butadiene residue and the Fe, atom will now proceed primarily by 
means of the hybrids orthogonal to those above. In this case the stabilization of the 
7-Orbitals is less specific, owing to the lower symmetry, and the overlap occurs between 
both the la, 7-orbital and the 4s 4p. and the 3d,./4p, orbitals, but for simplicity we shall 
neglect the latter since it is considerably smaller than the former. Similarly, the 1, 
orbital is stabilized by overlap with the 3d,,/4p, hybrid. Again, we shall assume that the 
3d,2_,2and 3d, orbitals ov erlap only slightly and consequently neglect their interaction. 

As a consequence of the overlap, in perpendicular planes, of the different z-orbitals 


of the butadiene residue with the orbitals of the two metal atoms. it is possible to 
regard the delocalized electrons as occupying bent three-centre orbitals. These orbitals 
are of exactly the same type as discussed prev igusly,'*) except that the constituent inter- 
actions are in perpendicular planes. Thus, the lowest totally symmetrical three-centre 
orbital will consist of two bent streamer ty pes, separated by the respective iron—buta- 
diene axes. With this formulation the electronic structure may be represented as: 


Fe, Fe, 4s/4pa,(CO)* 
3d/4pe(CO)* 
(3d,2 
(3d,2_,2/48/4p,/4p,0 (3d,,)" 
(3d../45 4p.) (3d,. 4p,)" 
(3d,2)" 
(3d,2)* 
*m-bonding. (3d,,,. la, 4s/4p.)* 
(3d,,.. lb, 3d,,/4p,)? 
(3d,,.. la, 4s/4p.)* 


* Note added in proof: The termz bonding refers in this case to (1) a genuine example of dr—pz overlap 
and (2) to an example of the overlap of the z-orbitals of a conjugated system and d/p metal orbitals, with 
the formation of both o and =z type molecular orbitals. 


" D. A. Brown, Unpublished results. 
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where the two columns denote the localized 7-bonds and non-bonding orbitals formed 
by the two iron atoms. The symbol (3d, la, 4s 4p) denotes the three-centre orbital 
formed by the overlap of the 3d,.,. orbital of the first iron atom with the filled totally 
symmetric orbital of butadiene which in turn overlaps with the 4s 4p. hybrid of the 
second iron atom. 

In the case of this structure there is one difference of note between the three-centre 
7-orbitals and those formed in the symmetrical case. The non-bonding orbital no 
longer exists since we are now considering interaction of different metal orbitals on 
each atom with a given butadiene orbital; it follows then (see Appendix) that the 
approximately non-bonding orbital is replaced by a slightly anti-bonding one and this 
fact suggests a lower stability for the above structure as compared to the symmetrical 
one. The attainment of an inert-gas configuration by each iron atom would correspond 
to both the bonding and the slightly anti-bonding three-centre orbitals being occupied ; 
this situation is not quite attained since only three of these orbitals are in fact 
filled. 

It is difficult to draw any quantitative conclusions as to the relative strength of 
7-bonding of the two iron atoms in the above structure, especially since the exact bond 
distances are not yet available. However, from the preliminary results" it appears 
that the second iron atom is symmetrically situated with respect to the 7-system and 
at about the normal distance, viz: 2 A, found in similar complexes. In the case 
of the first iron atom, it has been assumed that Fe,-C, is approximately 2 A and, 
consequently, it follows that a Fe,—-C, distance of about 2-7 A is to be expected. With 
these assumptions it is found that the “in-plane” 7-overlap is definitely less than that 
involving the second iron atom (Fe,). However, the first iron atom is also ¢-bonded 
to the terminal carbon atoms of the organic systems, and it is difficult to predict, a 
priori, which of the iron atoms is the more strongly bonded. In addition, it seems 
probable that the formation of these o-bonds, requiring carbon atoms in an 
approximately sp* state, may well account for the observed geometry. 

From a purely theoretical point of view it would be very pleasant to be ina position 
to estimate quite unambiguously the relative stabilities of the symmetrical complex, 
that is, the one containing a cyc/obutadiene ring, and that found by Mitts. Unfortun- 
ately, this does not seem possible at the moment although overlap calculations defi- 
nitely suggest greater 7-bonding in the symmetrical case. Further experimental results 
are awaited on this issue. 


Acknowledgement.—The project of which this work is part was sponsored by the Union Carbide 
Corporation, New York, and the author takes this opportunity to express his appreciation of this 


support. 


APPENDIX 

Consider the interaction of metal orbitals y, and y,, Coulomb terms H, and H,, with a central 
7-orbital ys, Coulomb term H,. If the respective resonance integrals for the two interactions are f 
and y then the secular equation takes the form: 


H,—E 


* J. D. Dunirz, L. E. OrnGet and A. Ricu, Acta Cryst. 9, 373 (1956). 
‘* E. Weiss and E. O. Fiscner, Z. Anorg. Chem. 286, 142 (1956). 
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where any interaction between y, and y, is neglected. Further we assume that |H,| > |H,| > |H,]. 
Expansion of the above determinant yields the equation 


g(E) = — EXH, + H, + Hy) + HH, 


HH, — °H, — = 0 


By considering the function ¢(£) for decreasing E we obtain the regions in which the three roots are 
situated : 


H,H.H, + + >0 
e(H,) PA, H,) 

e(H,) — H,) 

— H,) — BAH, 

x 


It follows, therefore, that the lowest root is stabilized by the above interaction whereas the other roots 
are anti-bonding. 
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SPECTROPHOTOMETRIC STUDIES OF TIN(IIl) AND 
TIN(IV) DISSOLVED SEPARATELY IN WATER, 
METHANOL AND HYDROCHLORIC ACID* 


M. M. pe Maine and P. A. D. DE MAInt 


Chemistry Department, State College for Teachers, New York State University, Albany, N.Y. 


(Received 24 November 1958) 


Abstract—Ultra-violet absorption spectra are reported for SnCl,S5H,O dissolved in methanol, 
methanol-carbon tetrachloride, methanol—water, water and concentrated hydrochloric acid, and 
for SnCl,-2H,O in methanol and methanol-carbon tetrachloride. Especially noted are deviations 
from Beer's law and variations of molar extinction coefficient with changes in the composition of 
mixed solvents. Evidence for complex formation is given. 


CHEMICAL literature for the past ten years contains references to light absorption 
studies in solutions containing an element in two different oxidation states. In 1951 
BROWNE ef al.” published the ultra-violet absorption spectra in hydrochloric acid 
of tin(II), of tin(IV), and of the interaction complex between these tin species. They 
conclude that there is formed a complex containing one tin(II) and one tin(IV) atom. 

In the present paper are reported detailed studies of the ultra-violet absorption 
spectrum of SnCl,5H,O dissolved in methanol, methanol-carbon tetrachloride, 
methanol-water, water, and hydrochloric acid. Spectral studies of SnCl,-2H,O 
dissolved in methanol and methanol-carbon tetrachloride are also reported. A 
second paper“ reports a detailed study and interpretation of the enhanced absorption 
which appears when SnCl,5H,O and SnCl,:2H,0 are dissolved together in methanol 
and methanol-carbon tetrachloride. 


EXPERIMENTAL 


Materials. Solvents used were Fisher Spectro Grade methanol and carbon tetrachloride, distilled 
water, and Reagent Grade concentrated hydrochloric acid. Fisher Certified, and Baker and Adamson 
Reagent grades of both SnCl,5H,O and SnCl,-2H,O gave identical results in numerous duplicate 
measurements of solutions of both salts. The nitrogen gas used had a dew point below —60°C and 
less than 0-01 per cent oxygen. 

Methods. Samples of each salt were weighed carefully and quickly in closed bottles and were 
dissolved to make a definite volume of bulk solution. \ arying amounts of bulk solution and solvent 
were titrated into glass-stoppered 25 ml volumetric flasks to make the samples for spectral measure- 
ment. Also prepared were blank solutions containing no tin salts, but with solvent composition 
identical to that of the sample solutions. 

All glassware used was carefully cleaned, dried, heated, blown-out with dry nitrogen, stoppered, 
and cooled before use. Dry nitrogen gas was bubbled for an hour through methanol and carbon 
tetrachloride before they were used. These solvents and their solutions were dispensed from auto- 
matic burettes operated under an atmosphere of dry nitrogen. For SnCl,-2H,O, all opening of 
bottles, weighing, and pouring of solutions were conducted in an atmosphere of dry nitrogen. 

The absorption spectra were measured with a calibrated’ line operated Beckman DL Spectro- 
photometer equipped with a photomultiplier, a cell compartment thermostated to 20 + 0-1°C, and 


* This study was aided by a Grant from the United States Atomic Energy Commission. 


" C. 1. Browne, R. P. Craic and N. Davipson, J. Amer. Chem. Soc. 73, 1946 (1951). 
*} P. A. D. pe Marne and M. M. pe Maine, J. Inorg. Nucl. Chem. In press 
®) P. A. D. pe Maine, J. Chem. Phys. 26, 1192 (1957). 
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a stream of dry nitrogen passing constantly through the cell compartment. Matched, stoppered 1 cm 
quartz cells and the blank solution corresponding to each sample were used. 

Reproducibility of measurements. No change in optical density was observed on exposure of 
Sn(IV) or Sn(II) solutions to the ultra-violet beam in the spectrophotometer for periods up to an 
hour. A difference in optical density measurements of up to 2 per cent was observed on emptying 
the sample cell and refilling it with a second portion of the same sample solution. It was impractical 
to fill the spectrophotometer cells in a nitrogen atmosphere, and this small difference may be attri- 
buted to oxygen from the air in momentary contact with the solution. 

Solutions allowed to sit in volumetric flasks at room temperature showed no change after periods 
of 4 hr, but after 24 hr a change of up to 10 per cent in optical density was often observed 

Specific instances will be quoted later, but here it should be noted that especially at lower concen- 
trations of SnCl,-SH,O in water and water—methanol., the initial optically clear solutions slowly 
became noticeably opaque due to colloid formation. Measurements were recorded only for solutions 
which were optically clear at the time of measurement. 


RESULTS 
Solutions in hydrochloric acid 


A quick check of the absorption spectra in concentrated hydrochloric acid of 
0-5 M Sn(II), 0-5 M Sn(LV), and a single solution of both species confirmed the values 
in Fig. | of the paper by BROWNE et ai. These authors also report that “solutions 
of tin(IV) in 9-5, 6-0, and 3-0 F hydrochloric acid were found to obey Beer's law to 

5 per cent as the tin(IV) concentration was varied from 0-2 to 1-0 F”. 


TABLE 1.—MOLAR EXTINCTION COEFFICIENTS FOR SnCl,5H,O pissoLvep 
IN AQUEOUS 9°89M HYDROCHLORIC ACID 


Vol, 
1-0019 0-7998 0-6020 0-500! 0-3999 0-2021 0-1002 11 
(mole/!.) 1959 


Wavelength (A) 
3050 
3100 
3150 


3200 
3250 


3300 


3350 
3400 
3450 


3500 
3550 
3600 


3650 
3700 
3750 


3800 
3900 
4000 


4 3:34 3-41 2-97 2-74 
4 1-63 1-58 1-58 1-60 1-39 1-29 
; 0-90 0-88 0-84 0-82 0-83 0-71 0-68 
: 0-56 0-54 0-51 0-49 0-49 0-42 
4 | 0-40 0-39 0-37 0-35 0-34 0-29 
0-31 0-31 0-29 0-27 0-27 
0-27 0-27 0:26 0-24 0-23 
4 a 0-26 0-26 0-24 0-23 0-23 
‘ 0:26 0-27 0-25 0:24 
4 0-28 0-29 0-27 0-26 0-25 
4 a 0-31 0-31 0-29 0-28 0-27 
4 0-33 0-32 0-30 0-29 0-27 
i 0-32 0-32 0-30 0-28 0-28 
0-30 0-30 0-29 0-27 0-27 
0-28 0-28 0:26 0-25 
- 0-24 0-25 0-24 0-23 0-22 
j | 0-17 0-18 0-18 0-17 0-16 
0-12 0-13 0-13 


Studies of tin(I}) and tin(IV) dissolved separately in water, methanol and hydrochloric acid 15 


In the present work the spectrum of SnCl,-SH,O at concentrations between 0-2 
and in hydrochloric acid was canefally measured. Beer’s law 
obeyed and the previously reported deviation of +5 per cent can apply only for 
solutions above 0-4 M SnCl,-5H, 2O and at wavelengths greater than 3250 A(T able 1). 
At other concentrations ‘si wavelengths the deviation may rise to 20 per cent. 
In these systems the molar extinction coefficient appeared to decrease with decreasing 
Sn(1V) concentration. 

From the values in Table | it is obvious that in concentrated hydrochloric acid 
the absorption band falls sharply with increasing wavelen; gth to 3250 A. Between 
3250 and 4000 A the band extends with a relatively small but fairly constant extinction 
coefficient. A small maximum occurs near 3620 A. The extinction coefficient falls 
more quickly between 4000 and 4500 A. 


is not 


Water solutions of Sn{{V) 


Absorption spectra were measured for water solutions of SnCl,5H,O in the 
concentration range 0-0221 to 0-5512M. Below 0-165 ™M Sn(IV) concentration, 
solutions often appeared colloidal and 16 hr after preparation, coagulation 
complete in most cases. At Sn(IV) concentrations above 0-165 M colloidal solutions 
were never observed even several days after preparation. 

The absorption band edge in water lies at about 125 A lower wavelength than it 
does in 9-89 M hydrochloric acid. The band falls rapidly with increasing wavelength 
to 3125 A and a “tail” of small, but almost constant extinction coefficient extends to 
4000 A (Table 2). In this case no maximum is observable in the band “tail” 


was 


TABLE 2.—-MOLAR EXTINCTION COEFFICIENTS FOR SnCl,-SH.O DISSOLVED IN WATER 


Snilv) 
(mole/l.) 


0-5512 0-3528 0-1764 0-0882 0-0662 0-0441 0-0221 


Wavelength (A) 


2750 3-37 5:27 10-78 20-86 21-53 22-95 18-46 
2800 1-72 2-79 7°28 11-1 11-79 12-40 10-54 
2850 0-91 1-45 3-17 5-90 6-21 6°67 6:34 


2900 0-49 0-79 1-69 3-13 3-39 3-61 3-89 
2950 0-29 0-46 0-94 1-76 1-89 2-02 2-76 
3000 0-20 0-30 0-57 1-01 1-19 1-34 


0-30 
0-23 
0-21 


3100 0-47 0-5 
3200 


3300 


0-18 
0-19 
0-19 


3400 
3500 
3600 


3700 0-07 0-10 0-18 
3800 0-07 0-10 0-18 
4000 0-07 0-10 0-17 
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Beer’s law is disobeyed throughout the entire concentration range studied. In 
these solutions the molar extinction coefficients decrease with increasing Sn(1V) 
concentration (Table 2). In passing from an Sn(IV) concentration of 0-0221 to 
0-5512 M, the molar extinction coefficient decreases by a factor of approximately 
six with more than half the decrease occurring in a concentration range 0-0221 to 
0-1800 M. 


Water—methanol solutions of SnC\,5H,O 

Absorption spectra were measured for solutions of SnCl,-5H,O of concentration 
range 0-0277 to 0-1651 M in water—methanol mixtures where the methanol concen- 
tration varied from 0-989 to 23-743 M. Slow visible colloid formation was observed 
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Methanol conc, moles/1 


efficients (measured optical density/SnCl,-SH,O concentration) 


ration in moles per litre for 
hat a methanol concentration 


ino! 


only for solutions with a methanol concentration below approximately 10 M and a 
SnCl,5H,O concentration below approximately 0-066 M. The absorption band 
edge together with the extent and relative magnitude of the band “tail” for Sn(IV) in 
water—methanol are similar to those for Sn(IV) in pure water. 

Again, Beer's law is not obeyed. The variation of molar extinction coefficient 
with SnCl,5H,O concentration for water-methanol solutions at methanol concen- 
trations of 1-979, 2-968, 3-957, 4-947, and 5-936M was studied in detail The 
deviations were similar in magnitude and direction to those given in Table 2 for 
Sn(IV) in pure water. 

Fig. | illustrates a typical set of plots obtained for molar extinction coefficient as 
a function of methanol concentration for a given Sn([V) concentration. At all 
wavelengths the molar extinction coefficient of Sn(IV) decreases with increasing 
methanol concentration to a point where the methanol is approximately 21 M and 
the water concentration is about 7M. At higher methanol concentrations the molar 


extinction coefficient again rises. 
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Methanol solutions of Sn(1V) 

Absorption spectra were measured for methanol solutions containing SnCl,5H,O 
at concentrations between 0-0228 and 0-4560 M. No colloid formation was observed 
in any of these solutions. The absorption band edge and the band “tail” are similar 
to those in both water and water—methanol solutions. The one small difference is 
that in pure methanol a tiny maximum in the band “tail” is observable near 3600 A. 

Solutions of SnCl,SH,O in the 0-0228 to 0-4560 M concentration range in pure 
methanol obey Beer’s law to within +-3-5 per cent at all wavelengths. 


of tin 


Molar extinction coef 


Methanol conc, moles/ 


Fic. 2.—-Molar extinction coefficients at the wavelengths designat versus the methanol 
concentration in moles per litre for SnCl,-SH,O dissolved in metha carbon tetrachloride 


Methanol-carbon tetrachloride solutions of Sn(1V) 
SnCl,-5H,O solutions between 0-0228 and 0-228 M in methanol-carbon tetra- 

chloride (methanol—2-93 M to the pure methanol concentration of 24-73 M) were 

studied. No cloudiness or colloid formation was observed 

One interesting observation was that, although methanol and carbon tetrachloride 


are completely miscible at all concentrations, certain SnCl,5H,O concentrations 


caused the immediate formation of immiscible solvent lavers. Two layer formation 
was observed in carbon tetrachloride solutions with SnCl,5H,O concentrations of 
0-0391, 0-1140, 0-2280 and methanol concentrations of 2-93. 4:89 and 9-78 M 
respectively. In any specific case, an increase in methanol concentration or a decrease 


in Sn(IV) concentration gave a clear one-layer solution 
At any single methanol-carbon tetrachloride ratio, Beer's law is obeved by the 


Sn(IV) species. However, the Sn(1[V) molar extinction coefficient varies with methanol 


concentration (Fig. 2). 


Methanol and methanol-carbon tetrachloride solutions of SnC\,-2H,O 


Complete absorption spectra were measured for pure methanol solutions of 
SnCl,:2H,O with concentrations between 0-0760 and 0-7597 M. and for 0-3039 M 
SnCl,2H,O in solvents of composition ranging from pure methanol to 14-84 M 


methanol in carbon tetrachloride. 
Here changes in solvent composition produced no marked effect on the molar 


extinction coefficients at each wavelength for solutions with a constant Sn(Il) concen- 


tration. However, in pure methanol large deviations from Beer's law were observed 
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TABLE 3.—-MOLAR EXTINCTION COEFFICIENTS FOR SnCl,-2H,O 
DISSOLVED IN PURE METHANOL 


=a) 0-0760 0-1520 0-3039 0-4559 0-6078 0-7579 
(mole/l.) 

Wavelength (A) 
3000 18-03 
3050 9-25 10-15 
3100 4-74 5-01 5-50 
3150 2-46 2-52 3-29 3-20 3-26 
3200 1:29 1-27 1-32 1-54 1-63 1-78 
3250 0-75 0-68 0-68 0-77 0-81 0-92 
3300 0-40 0-43 0-45 0-50 
3350 0-27 0-27 0-29 0-31 
3400 0-20 0-20 0-21 0-21 
3450 0-17 0-17 0-17 
3500 0-15 0-15 0-14 
3550 0-14 0-14 0-13 
3600 0-13 0-13 0-12 
3700 0-12 0-11 
3800 0-11 0-10 
3900 0-10 0-09 
4000 0-09 
4200 0-08 


(Table 3). The Sn(Il) absorption band edge falls rapidly with increasing wavelength 
to 3350 A, and between there and 4000 A the remaining band intensity decreased 
more slowly. 
DISCUSSION 
In the EXPERIMENTAL section the reproducibility of the spectra of the solutions 
studied was discussed. A serious limitation in interpretation is that the absorption 
band of Sn(IV) and Sn(II) each has a very steep edge. At many concentrations only 


eight optical density readings at 50 A intervals were available for the calculation of 


deviations from Beer's law. 

Aqucous solutions of tin tetrachloride are hydrolysed to a considerable degree“ 
thus: SnCl, + 2H,O = SnO, + 4HCl. The resulting tin dioxide remains in col- 
loidal form. Decreased water concentrations and increased hydrochloric acid concen- 
trations will decrease colloid formation, Partial solvation or complex formation of 
the Sn(IV) species by methanol may explain the decreased tendency to form colloidal 
solutions with increasing methanol concentration. 

That SnCl,-2H,O in pure methanol does not obey Beer’s law is indicative of 
complex formation between the tin (II) species. SnCl,-5H,O in methanol and in any 


* H. Remy, Treatise on Inorganic Chemistry Vol. 1, p. 530. Elsevier, New York (1956) 
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given methanol-carbon tetrachloride mixture does Obey Beer's law. Variation in 
molar extinction coefficient (at a given wavelength) as the methanol-carbon tetra- 
chloride solvent composition is varied, indicates an interaction between Sn(IV) and 
methanol. 

A complex formed between different Sn(IV) Species could explain deviations 
from Beer's law by solutions of SnCl,"SH,O in water and water—methanol Similarly, 
a complex (probably H,SnCl,) involving Sn(IV) forms in 9-89 M hydrochloric acid. 
The shift to longer wavelengths of the band edge for Sn(IV) in concentrated acid as 
compared to water and methanol, also indicates formation of a Sn(IV)-HCI complex. 

Especially interesting is Fig. 1 which illustrates the variation of molar extinction 
coefficient at different wavelengths with changes in methanol concentration for a 
given SnCl,5H,O concentration. At each wav elength the molar extinction coefficient 
decreases with increasing methanol concentration to a point where methanol is 
approximately 21 M and water is 7 M. Towards the 24-73 M concentration of pure 
methanol, the molar extinction coefficient rises. This effect cannot be interpreted on 
the basis of classical dielectric properties of mixed solvents which are supposed to 
change value in a single direction in passing from one pure solvent through mixtures 
to the other. The 3:1, methanol : water molar ratio at which the minimum is found 
suggests that the Sn(IV) species and the methanol react competitively with the water. 
Such interactions have been reported elsewhere.‘ 

Attempts to determine the equilibrium constant for a reaction of the type, 
methanol -}- Sn(IV) = complex, with data for methanol-carbon tetrachloride solu- 
tions of SnCl,-SH,O, were unsuccessful. The equations used in such a calculation’ 
require optical density measurements for a large number of wavelengths and with an 
accuracy greater than one per cent. 

P. A. D. pe Maine, A. G. Goate and A. G. Mappocx. To be published 
P. A. D. pt Maine, M. M. pe Maine and A. G. Goste, Trans. Faraday S 53, 427 (1957) 
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THE GOLD(I) CHLORIDE-GOLD(IIl) CHLORIDE SYSTEM: 
THE NON-EXISTENCE OF THE INTERMEDIATE Au(AuCl,)* 


J. D. Corsett and L. F. DRuDING 
Institute for Atomic Research and Department of Chemistry 
lowa State College, Ames, lowa 


(Received 23 December 1958) 


Abstract—The possibility of the formation of Au(AuCl,) by a simple acid-base interaction between 
AuCl and AuCl, has been investigated since published thermodynamic data do not appear adequate 
to eliminate such an intermediate. However, a partial phase diagram and powder pattern data for 
the system show no evidence for its formation. Gold(1) chloride disproportionates in the presence 
of liquid AICI, or GaCl,. The absence of compound formation between AuCl and the halide acids 
is considered in terms of the apparent covalency and stability of the monochloride. 


FOLLOWING the recognition of the acid-base interaction responsible for the formation 
of Ga(D[Ga(III)Cl,],°~ interest was aroused in the gold chlorides in this respect. 
Since gold forms well-characterized mono- and trichlorides, and the latter demon- 
strates the properties of a good Lewis acid in readily forming the AuCl,~ ion, the 
possibility that the compound Au(I)[Au(II])Cl,] could be formed was considered. 

A compound of the composition AuCl, has been the subject of considerable 
controversy in the past. Its formation was first reported by THOMSEN who prepared 
it by passing dry chlorine over gold sponge and measuring the amount adsorbed. 
This claim was disputed by Kriss and Scumipt® who were unable to duplicate the 
experiment, but THoMseN? shortly confirmed his previous work, only to have it 
again refuted.” 

The solution to this problem was supposed to have been provided by FISCHER 
and Bitz in their classic study of the gold halides. Determination of the chlorine 
dissociation pressures of the chlorides, as well as their heats of solution, led them to 
conclude that AuCl, or Au,Cl, did not exist.t However, there are some small 
discrepancies in the results that possibly offer some support for such an intermediate. 
The heat of formation of AuCl, determined by dissociation measurements is about 
1-4 kcal less than that obtained calorimetrically; the difference appears significantly 
greater than the experimental uncertainties and heat capacity effects. Although this 


* Work was performed in the Ames Laboratory of the U.S. Atomic Energy Commission 

+ In addition, the phase diagram of the KCI-Au-—Cl system showed no evidence for K AuCl,. A true 
gold(II) oxidation state has been reported only as an intermediate in kinetic studies,'*’ although BREwer'?” 
cites evidence for AuCl,(g) at much higher temperatures 


J. D. Corpett and R. K. MCMULLAN, J. Amer. Chem. Soc. 78, 2906 (1956). 
*) R. K. MCMULLAN and J. D. Corspetr, J. Amer. Chem. Soc. 80, 4761 (1958) 
L. A. Woopwarp, G. GaArTON and H. L. Roserts, J. Chem. Soc. 3723 (1956). 
*) J. THomsen, J. Prakt. Chem. 13, 337 (1876) 
G. Kriss and F. Scumipt, Ber. Dtsch. Chem. Ges. 20, 2634 (1887) 
J. THomsen, J. Prakt. Chem. 37, 105 (1888) 
*) G. Kriss and F. Scumipt, J. Prakt. Chem. 38, 77 (1888). 
" W. Fiscuer and W. Bittz, Z. Anorg. Chem. 176, 81 (1928) 
* R. L. Ricuw and H. Tause, J. Phys. Chem. 58, 6 (1954) 
 L. Brewer et al., The Chemistry and Metallurgy of Miscellaneous Materials: Thermodynamics (Edited 
by L. L. Quitt) NNES, Plutonium Project Record, Div. IV, Vol. 19B, p. 239. McGraw-Hill, New 
York (1950) 
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fact was briefly noted, no explanation was given. Similarly low values were obtained 
in older,“”’ as well as more recent,’ studies by the same method. If it is assumed 
that Au,Cl, rather than AuCl is the product of limited decomposition of AuCl,, 
then the reaction 

AuCl,,, + AuCl,,,, = Au,Cl,,,, 


is exothermic by 1-2 kcal. Similarly, the data on the heat of solution in aqueous 
HCI of a sample of “AuCl,”) give AHyo. 1-1 + 0-5 keal for the same reaction. 
although this is considerably less than the — 3-1 kcal reported earlier by Perersen.\!®) 


RESULTS AND DISCUSSION 

In view of the possibility that such a compound might exist, the phase diagram 
of the AuCl-AuCl, system was studied. However, except for one sample rich in 
AuCl, all intermediate mixtures showed a eutectic temperature of 249-253°, with the 
eutectic composition corresponding to about AuCl,... Due to the opacity of the 
melts, it was not possible to determine reliable liquidus temperatures visually. X-ray 
powder photographs of the quenched or annealed mixtures were also compared with 
those of pure AuCl and AuCl,, and again, no evidence was found for the formation 
of a new phase. Thus, there seems to be no direct evidence for Au(AuCl,) or even 
Au,(AuCl,). It does not seem likely that the latter compound could exist only at 
elevated temperatures and still account for the apparent discrepancy in the heats of 
formation of AuCl,; the difference must instead be attributed to unrecognized 
experimental errors. 

Because of this negative evidence regarding intermediate compounds, particularly 
Au(AuCl,), it is informative to consider the possible reasons for their absence. 
Considering the large number of compounds presumably containing the AuCl,~ ion, 
including even the analogous Ag(AuCl,)," there is little reason to doubt the acidic 
character of AuCl,. The difficulty appears to lie in the nature of the AuCl. particularly 
in its unusual degree of covalent bonding. From a Born—Haber cycle, the experi- 
mental lattice energy for AuCl is calculated to be 247 kcal, while the theoretical 
electrostatic value, assuming the AgCl(NaCl) structure, is 167 kcal, a difference of 
80 keal. The corresponding differences of 33 and 42 kcal in CuCl and AgCl, 
respectively, have been attributed to about 17 kcal arising from covalent contributions 
and the remainder to van der Waals forces.5."® That AuCl does not have such a 
simple structure (see EXPERIMENTAL) is a further manifestation of its covalency and 
suggests that 80 kcal is a minimum value for U — U,. The abnormally high ionization 
energy of the metal and field strength of the ion are also indicative of the extreme 
covalent character of gold(1) compounds.” 

There is some uncertainty as to the stability of AuC! with respect to dispropor- 
tionation. Instability under all conditions where AuCl, is solid is indicated by the 
") L. BREWER et al., The Chemistry and Metallurey of Miscellaneous Materials Thermodynamics (Edited 


by L. L. Quit) NNES, Plutonium Project Record, Div. IV, Vol. 19B. p. 142. McGraw-Hill, New 
York (1950). 

**)'S. A. SHCHUKAREV, M. A. OrANSKAYA and V. M. Tsintsius. ZA Neorg. Khim. 1, 881 (1956) 

') E. Perersen, J. Prakt. Chem., 46, 328 (1892) 

") N. PaARRAVANO and G. MaLouort, Gazz. Chim. Ital. 56, 13 (1926) 

 Y. K. Syrxin and M. E. Dyatxina, Structure of Molecules and the Chemical Bond p. 325. Interscience, 
New York (1950). 

6) M. F.C. Lapp and W. H. Lee, Trans. Faraday Soc. 54, 34 (1958) 

”) D. F. C. Morris and L. H. Anrens, J. Inorg. Nucl. Chem. 3, 263, 270 (1956) 
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J. D. Cornett and L. F. DRUDING 
data compiled by Brewer ef al.,") while more recent thermodynamic data‘ 
reportedly show that the monochloride should be stable only above 177°. However, 
recalculation from the original data") gives an instability point near room tempera- 
ture. In the present investigation no decomposition was detected, even after periods 
of up to four days at temperatures between 90 and 200°. 

In aqueous systems it is commonly recognized that gold(I) compounds are stable 
only when insoluble or complexed, the driving force for the disproportionation of the 
aquated Au’ ion, relative to that in the gas, being the strong interaction of the Au® 
ion with water. Equilibration of AuCl with the Lewis acids AICI, or GaCl, just 
above their respective melting points also results in disproportionation and not 
compound formation. The strength of the gold(IIl)-chlorine bonding apparently 
still predominates over the formation of MX,~, and the trihalides function only as 
solvents for AuCl, (and to a smaller extent, for AuCl) in contrast to other systems."'.”? 
Decomposition is repressed with AuCl, as the solvent so that no metal is observed 
with compositions at least as low as AuCl,.,. There is insufficient information about 
these solutions to be able to speculate on their constitution, particularly as to the 
existence of AuCl “molecules” or low concentrations of Au(AuCl,) complexes 
therein. The lower lattice energy expected for this complex would be in its disfavout 
as far as separation as a solid phase is concerned. 


EXPERIMENTAL 

Because of the hydroscopic nature of all of the halides studied, the materials were prepared and 
handled by conventional vacuum and dry box techniques. 

Preparations. All samples were prepared from the elements in evacuated, 8 mm, medium-wall 
Pyrex containers so that subsequent visual observations could be made of their melting properties. 
Gold foil (Goldsmith Bros., 24k) was dissolved in aqua regia and precipitated as a sponge with oxalic 
acid. Chlorine (Matheson) was condensed into a — 196° trap, and the weight of Cl, (+ 10 per cent) 
determined by the weight loss of the lecture bottle. The chlorine was then distilled (— 80° to — 196°) 
into an L-shaped apparatus containing the appropriate amount of metal for the desired Cl/Au ratio, 
and the tube sealed off under vacuum. The end containing the gold was heated to about 320° with 
a small furnace while an alcohol-ice bath on the other end kept the Cl, at a reasonable pressure 
(ca. 3atm). The AuCl, sublimed to the centre of the tube as it was formed. When most of the Cl, 
had reacted, the tube was removed from the furnace, the remaining Cl, condensed onto the unreacted 
gold and the Au, Cl, and AuCl, sealed off for equilibration. The excess of Cl, used in the preparation 
of pure AuCl, was subsequently condensed and sealed off. This method is much preferred to the 
more conventional chlorination at 1 atm just below the decomposition temperature (250°), since the 
sublimation of AuCl, is very slow at that temperature. 

The monochloride was prepared by heating AuCl, under vacuum to 190° for 4 hr. The apparatus 
used was evacuated and flamed prior to transfer of the trichloride in the dry box. The Cl/Au ratio 
in a typical preparation was 1-01 0-01. It should be noted that prolonged heating under these 
conditions results in complete decomposition to the metal. Two vacuum sublimations at 120° were 
used to purify AICI, (Baker Reagent). Gallium trichloride was prepared by the reaction of metal 
(Aluminum Co. of America, 99-9 per cent) with the stoicheiometric amount of Hg,Cl,, using 
techniques previously described,'*’ followed by two vacuum sublimations at 80°. 

Melting points. These determinations were carried out visually as previously described." The 
samples used were first equilibrated at 400 for 2-6 hr to bring about complete reaction and solution. 
Only with a sample of composition AuCl,... was it not possible to get all of the AuCl into solution. 
Seven mixtures of higher AuCl, content were also examined. The molten salts were very dark red, 
lightening to brick red to orange on solidification. 

Analyses. A sample of the salt to be analysed was transferred in the dry box to a small porcelain 
crucible which was in turn placed in a weighing bottle and the ground joint lightly greased. Since 


18) J. D. Corpett and R. K. MCMULLAN, J. Amer. Chem. Soc. 77, 4217 (1955). 
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both containers had been previously weighed in air, the sample weight was determined from a final 
weighing and a buoyancy correction for the helium or argon used in the dry box. As only gold and 
chlorine were presumed present, the analysis was performed by ignition to the metal, with care 
being taken during the initial decomposition that no AuCl, was jost. Reproducibility of the results 
was within 2 per cent. 

Powder patterns. Diffraction patterns were obtained as previously described." No previous 
report of the data for either halide could be found. The following distances, with the relative 
intensities in parentheses, correspond to the principal ones observed for AuC!: 5-43(8), 5-28(9), 
2-48(9), 2-66(10), 2-38(5), 2-35(4), 2-17(5), 2-09(7), 1-828(5). 1-685(5), 1-608(8), 1-575(S), 1-335(7), 
1-048(4). These could not be indexed on a cubic or hexagonal cell of reasonable dimensions. 
For AuCl, the data are: 6°19(6), 5-95(10), 5-46(4), 4-01(7), 3-84(6), 3-10(4), 2-99(5), 2-48(4). 2-454 3), 
2-31(3), 2-18(3), 214(4), 2-10(3), 2-004(3), 1-557(3). 
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VINYLGERMANE: PREPARATION AND 
POLY MERIZATION 


F. E. BRINCKMAN* and F. G. A. STONE 
Mallinckrodt Chemical Laboratory, Harvard University, Cambridge, Massachusetts 


(Received 19 December 1958) 


Abstract—Reduction of vinyltrichlorogermane with lithium aluminium hydride yields vinylgermane 
[b.p. —3:5° (extrap.)], a compound which polymerizes to a white solid in daylight, especially in the 
presence of mercury. Polymeric vinylgermane commences measurable decomposition above 275°, 
giving hydrogen with lesser amounts of ethylene and germane. Like polymeric vinylsilane, polyvinyl- 
germane is insoluble in a variety of solvents. The infra-red spectra of the two polymers resemble each 
other, and the two probably have similar structures. As expected, vinylstannane was found to be 
much less stable than vinylgermane, and the tin compound was only prepared in very small amounts, 
and had to be stored at low temperatures to avoid decomposition; a process which appeared to 
involve more than one route. The vinyl group of vinylstannane may be removed as ethylene with 
trifluoracetic acid. 

The infra-red spectra of vinylgermane and of vinylstannane have been recorded in the gas phase 
over the range 650-3500 cm~', and the spectra are discussed, and compared with the spectrum of 
vinylsilane., 

Vinyltrichlorogermane can conveniently be prepared by heating a mixture of germanium tetra- 
chloride and divinylmercury. 


A varigTy of compounds have been reported in which a vinyl group is bonded to a 
metal or metalloid atom, but until recently most of these compounds involved vinyl 
groups which were /-substituted."!) Lately the chemical literature has described several 
vinyl-metal and —metalloid compounds in which the vinyl groups are unsubstituted. 
These substances have been synthesized by treating halides of various elements with 
vinylating agents such as vinyl Grignard,'?,3.4 vinyl tin compounds,®.® divinyl- 


mercury,'” 

Characterization of many vinyl—-metal and —metalloid compounds permits some 
interesting qualitative stability comparisons with analogous ethyl derivatives. In 
those compounds where all normal valence orbitals of a metal or metalloid are used to 
bond vinyl or ethyl groups there is often little difference in tendency to decompose 
between the two classes of compounds. This is especially true when the metals and 
metalloids are from main Groups IV and V of the Periodic Classification. Thus 


divinylzine," and vinylsodium."™ 


* Public Health Service Predoctoral Research Fellow of the National Cancer Institute. 
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tetravinyltin: does not differ in stability significantly from tetraethyltin. Tetra- 
vinyltin may be distilled at its normal boiling point (ca. 160°) in the absence of any 
polymerization inhibitor.“ Tetravinylgermane* and its tetraethyl analogue also 
appear to have comparable stabilities. Trivinylarsine may be distilled at its normal 
boiling point.“ As would be expected, divinylmercury'”’ is less stable than the vinyl 
compounds of the Group IVB elements, but, nevertheless, its susceptibility to 
decomposition in the absence of other substances appears to be little different from 
that of diethylmercury. The situation with zinc, however, is different. Divinylzinc 
readily decomposes into ethylene and dark-coloured non-volatile solids, unless stored 
at low temperatures.’ The instability of divinylzinc is probably responsible for its 
isolation in only poor yield from the reaction between vinyl Grignard and zinc halides. 
Boron provides another example where the vinyl compound is much less stable than 
the ethyl. Trivinylborane’® decomposes more rapidly than does triethylborane. It 
is also interesting that the initial product of the reaction between gallium metal and 
divinylmercury readily loses ethylene.” 

These comparisons between ethyl and vinyl compounds show, not unexpectedly, 
that the tendency of vinyl derivatives to decompose spontaneously depends on the 
metal or metalloid. Similarly, many vinyl compounds are known in which the metal 
or metalloid atom carries other substituents besides vinyl, and in these compounds 
the character of the substituents also affects stability. Hence vinyldifluoroborane,'* 
unlike trivinylborane,"” is indefinitely stable at ambient temperatures. Replacement 
of vinyl groups on boron by fluorine leads to an increase in stability. Nevertheless, 
presence in the same molecule of certain bond types with a vinyl-metal or vinyl 
metalloid group could be incompatible, resulting in spontaneous decomposition via 
inter— or perhaps intra—molecular reactions. This might well be the situation with the 
heavier elements of Group IV of the Periodic system when the element is bonded both 
to hydrogen and to a vinyl group. This idea is suggested by the fact that silicon 
hydrogen, (1516,17,18) and bonds add 
to carbon-carbon double bonds. Therefore, \ inyl hydrides of the Group IVB elements 
might tend to polymerize, the hydride bonds in one molecule adding to the carbon 
carbon double bonds of another. This behaviour has already been observed in the 
vinylsilanes. Curry‘ has prepared polymers, in which silicon atoms are connected 
through (CH,CH,)— bridges, by the platinum-catalysed polymerization of 
organosilanes having vinyl and hydrogen joined to the same silicon atom. ROSENBERG 
et al.) have observed that trivinylsilane polymerizes at its boiling point. Wurre and 
Rocnow™*? found that vinylsilane polymerized easily when activated by ultra-violet 


Ss. D. Rosenserc, A. J. Gispons and H. E. Ramspen, J. Amer. Chem. S 79, 2137 (1957) 
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R. N. Haszecorve and R. J. Marxitow, J. Chem. Soc. 962 (1956) 
L. Spever, R. ZimmMeRMAN and J. Wenster, J. Amer. Chem. Sox 
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light. Basic hydrolysis of polyvinylsilane indicated that there were about two hydrogen 
atoms bonded to every silicon, suggesting that the polymer has the structure 

[(CH,CH,SiH,]},—. We have found that vinylsilane polymerizes over a period of 
months when stored in Pyrex bulbs, and analysis of the polymer for Si-H content 
showed that there is on the average about 1-8 hydrogen atoms bonded to each silicon. 
Curry has presented infra-red evidence that the polymers he prepared are also of 
the polysilethylene type. 

The germanium and tin analogues of vinylsilane are not known. We attempted to 
synthesize them in order to examine their stability. Vinylgermane was prepared by 
reducing vinyltrichlorogermane with lithium aluminium hydride. The vinyltrichloro- 
germane required for reduction was obtained in 70 per cent yield by the reaction, 


GeCl, + (CH,:CH),Hg CH,:CHGeCl, + CH,:CHHgCl. 


This is a more direct route than that employed by Petrov et a/.,'* which involved 
first preparation of ethyltrichlorogermane by passing ethyl chloride over a heated 
mixture of germanium and copper.” The ethyltrichlorogermane was then chlori- 
nated to give a mixture of «- and }-chloroethyltrichlorogermane and upon subsequent 
separation the /-chloroethyltrichlorogermane was dehydrohalogenated with quinoline 
to yield vinyltrichlorogermane in 26 per cent yield. 

[he new compound vinylgermane is the principal volatile product when vinyl- 
trichlorogermane is reduced with lithium aluminium hydride using diglyme (dimethyl 
ether of diethyleneglycol) as solvent, but other substances are formed including small 
amounts of ethyl methyl ether, germane, and ethylene. The ethylene and most of the 
germane may be separated by trap-to-trap distillation in a high vacuum system, 
leaving a mixture rich in vinylgermane. Gas-phase chromatography was employed to 
separate vinylgermane from ethyl methyl ether, and traces of other materials. The 
ethyl methyl ether is formed by cleavage of the diglyme solvent during reduction of 
vinyltrichlorogermane. It is possible that cleavage of the solvent would also produce 
CH,0CH,CHO, but this compound is known to polymerize easily,"**’ and so would 
not be isolated as volatile reaction product. 

Vinylgermane polymerizes very easily, yielding a white solid of composition 
(C,H,Ge),. Monomeric vinylgermane, however, is sufficiently stable to allow study of 
its vapour-pressures, which conform to the equation, 


Pimm 7°564 — 1263T-, 


implying an extrapolated boiling point of —3-5°, and a Trouton constant of 21-4 e.u. 

Polymeric vinylgermane was found to be insoluble in all solvents tried. These 
included benzene, tetrahydrofuran, cacbon disulphide, chloroform, 30 per cent 
sulphuric acid, methanol, and N:N-dimethylformamide. Polymeric vinylsilane was 
also found to be insoluble in many solvents. Polymeric vinylgermane does not 
melt, but about 275° commences measurable decomposition and discolouration to 
yield hydrogen, ethylene and germane. The infra-red spectrum of polymeric vinyl- 
germane, taken of a Nujol mull, is shown in Fig. 1. The spectrum, which shows a 


A. D. Petrov, V. F. Mironov and I. E. Doon, Izv. Akad. Nauk SSSR, Otdel. Khim. Nauk 1146 (1956) 
27) E. G. Rocnow, J. Amer. Chem. Soc. 72, 198 (1950) 
“*) C. D. Hurp and J. L. Apernetuy, J. Amer. Chem. Soc. 63, 1966 (1941). 
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Ge-H absorption at 2007 cm™', is very similar to that of polymeric vinylsilane (F ig. 
1). It will be noticed that there are absorptions at 1135 cm~' (8°82 «) and 1061 cm™ 
(9°43 un). Absorptions close to these frequencies were observed by Curry? in his 
vinylsilane polymers, and were assigned to the —>[{Si-CH,-CH,-Si] group. Ap- 
pearance of C-H deformation modes at similar frequencies in the vinylgermane 
polymer suggests the presence of the [Ge-CH,-CH,-Ge}<— group. It is likely that 


~~ 
} a 
VV 
V 


WAVELENGTH, 


the two polymers have similar structures, the repeat unit in the germanium containing 
material being —[GeH,CH,CH,], 

Monomeric vinylgermane polymerizes much more re: adily than does the silicon 
analogue. Under the influence of reflected sunlight and mercury, vinylgermane 
quickly deposits a white solid in Pyrex containers. Bulb-to-bulb distillation in a 
vacuum system having mercury manometers is sufficient to initiate some decomposi- 
tion. No hydrogen or condensibles are formed during polymerization. When stored 
in the dark vinylgermane does not polymerize in the ¢ gas phase at pressures of up to 
1-0 atmosphere. 

Preparation of vinylstannane proved to be much more difficult than that of 
vinylgermane. This was anticipated because tin hydrides are thermally unstable, 
with instability increasing with increasing number of hydrogen atoms per tin atom. ‘?* 


C. R. Dittarp, E. H. McNett. D. E. Simmons and J. B. J. Amer. Chem. Soc. 80, 3607 
(1958). 
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Thus vinylstannane would be expected to decompose by at least two mechanisms: 
polymerization due to tin-hydrogen bonds in one molecule adding to carbon-carbon 
double bonds in another, and loss of hydrogen with deposition of tin-containing 
solids. Addition of lithium aluminium hydride in diglyme to vinyltin trichloride in 
the same solvent at —10° with continuous removal of products at 4-5 mm pressure 
vields hydrogen, ethylene, stannane, ethyl methyl ether and less volatile material. 


£I 


/ 
/ 
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The latter readily releases hydrogen, forming a brick-red solid, but before this occurs, 
vinylstannane may be recovered from the liquid in about 2 per cent yield by distillation 
in a vacuum system. By this technique vinylstannane just passes a U-trap held at 
78°. It may be stored at this temperature without decomposition, but at room 
temperature it quickly forms hydrogen and reddish brown solids. Vinylstannane was 
found to be so unstable that it could only be characterized by its molecular weight, 
by its infra-red spectrum, which was as expected for a compound of this type (Fig. 2), 
and by treatment with trifluoracetic acid, which cleaved the vinyl group from the 
stannane as ethylene. 
The tendency of compounds of the type H,MCH:CH, (M = C, Si, Ge, Sn) to 
decompose is thus a function of the atomic weight of M, and apparently not related to 
any alternations in electronegativity among the Group [VB elements. 
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The infra-red spectra of vinylsilane, vinylgermane, and vinylstannane are shown 
in Fig. 2. Absorption frequencies are tabulated in Table 1. together with some 
tentative band assignments. Since the compounds are of similar type, the resemblance 
of the spectra to each other is expected. The spectra differ of course in the fingerprint 
region, and in the location of the absorption frequency due to the bond between 
hydrogen and the Group IVB element. 


TABLE | VIBRATIONAI FREQUENCIES FOR VINYLSILANE, VINYLGERMANE AND VINYLSTANNANE 


CH, :CHSiH, CH,: CHGeH, CH, :CHSnH, Approximate 
(em~") (cm~') assignment'?*. 


3100 3060 3080 (mw) CH stretching 


3000 (im) 3000 (7) 3030 (m) CH Stretching 
2195 | 2100 | 1910 | 
2175 | (d,s) 2085 | (d, s) 1892 | (d, s) M-H Stretching 
1942 | 
1924 | (d, w) 2 962 

1910 | 


(d, w) 2 953 


1898 | 


1617 | 

1596 | (d, vw) ca 1600 (vew) C = C stretching 

1420 | 1409 | 1413 | : i 

1402 | (d, m) 1392 | (d, mw) 1397 | (d, w) CH, deformation 
1270 (w) 1270 


CH bending 


1001 (w) 1008 } 


(d, m) CH, bending 


= 
= 


962 (m, sh) 153 (m, sp) 953 (m, sp) CH bending 
940 (vs) 
928 (s, sh) 


(mm, 


707 (m)* 


ca. 640 (ms, vh)* 


* Si-C stretch, or Si-H deformation 

Ge-C stretch,"™’ or Ge-H deformation 

* Sn-H deformation? 

w—weak s—strong d—doublet b—broad 
m—medium v—very sp—sharp h—shoulder 
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EXPERIMENTAL 


Apparatus and materials. Much of the work described below was carried out with the use of a high- 
vacuum system. Temperatures of slush baths were determined with vapour-tension thermometers. 
Infra-red spectra were recorded, using a Model 21 Perkin-Elmer double-beam spectrometer with 
sodium chloride optics. Spectra were calibrated with polyethylene film and atmospheric peaks. For 
gas spectra a 4.cm cell with sodium chloride windows was used. | iquid spectra were taken using a 
demountable cell with lead spacers (0-050 mm). Diglyme, employed as a solvent in some of the 
reactions, was distilled from lithium aluminium hydride immediately before use. Dibutyl ether was 
treated in the same way. Divinylmercury’’’ and vinyltin trichloride’ were prepared as described 


elsewhere. 


Preparation of vinyltrichlorogermane. (na typical experiment, a 14-33 g (56-26 mmoles) sample of 
divinylmercury was added to 46-98 g (219-1 mmoles) of germanium tetrachloride contained, under 
prepurified nitrogen, in a reaction flask fitted with a thermometer well. reflux condenser and magnetic 
Stirrer. Stirring was begun and the mixture was refluxed at 80—85° for 4-5 hr. During this time a 
white precipitate formed, but only slight discolouration of the flask contents occurred Volatile 
material was removed from the flask in vacuo. and then separated by fractional distillation through a 
vacuum-jacketed Vigreaux column. Germanium tetrachloride (34-47 g) was recovered at 84-2 /760 
mm and 7-80g vinyltrichlorogermane at 128-3-128-6°/760 mm (literature,'**’ 128-8°/765 mm). 
This represents a yield of 67-3 per cent based on divinylmercury used. (Found: C, 11-74: H. 1-60. 
Calc. for C,H,Cl,Ge: C, 11-66: H, 147°) 

The solid remaining in the reaction vessel was ether extracted. filtered, and the filtrate evapourated 
giving a solid identified as vinylmercuric chloride by its infra-red spectrum (identical with an authentic 


specimen ) 


The infra-red spectrum of vinyltrichlorogermane is shown in Fig. 3, together with the spectrum of 


the tin analogue. Absorption frequencies (cm~') are as follows: 


CH,:CHGeCl,. 3067w, 3030mw, 2995m, 2945 mw, 2245-2215 (doublet), 2020w, 1950m, 1600m. 
1504m, 1400s, 1330w, 1249s, 1093m, 979s. 810m. 
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3045m, 2975m, 1934mw, 1609-1602m (doublet). 1460w, 1391s, 1283 w, 1269w. 
1232-1224s (doublet), 1075m, 981vs. 811m. 


CH, :CHSnCl.. 


The infra-red spectrum of vinyltrichlorosilane has been reported by SHutt et al.™ 

Preparation and characterization of vinylgermane. The following procedure represents conditions 
under which best yields of vinylgermane were obtained. A 5 g (131-8 mmoles) sample of lithium 
aluminium hydride was added to 200 ml diglyme held in a flask with a nitrogen inlet and thermometer 
well. The flask was fitted with a dropping funnel and reflux condenser, and the lithium aluminium 


hydride-diglyme solution was magnetically stirred. The top of the reflux condenser was connected 


to a trap cooled with liquid nitrogen. Pre-purified nitrogen was passed slowly through the flask while 
3°67 g (17°82 mmoles) of vinylt: ichlorogermane in 50 ml diglyme was placed in the dropping funnel 


TABLE 2.—VAPOUR TENSIONS OF 1p CH, :CHGeH, 


P nm (found) 13-4 35-3 733 106-4 177-0 
(cale.) 106-7 


and slowly added (20 min) to the hot (115°) lithium aluminium hydride diglyme mixture During 
addition of the vinyltrichlorogermane, material collected in the trap cooled to —196°. After addition 
of the chloride was completed, the flask was maintained at about 100° for half-an-hour with continued 
nitrogen flushing, after which time the contents of the trap were taken into the vacuum system. Most 
of the material collected in this manner (280 c.c.*) failed to pass a U-trap held at —120°, but 34 c.c. 
did so. This more volatile fraction was a mixture of germane and ethylene (identified by their infra-red 


spectra). Examination of the infra-red spectrum of the 280 c.c. fraction, as well as tests of its tensi- 
metric homogeneity, showed that it was a mixture. Separation of the components could not be 
accomplished by fractional condensation, so the mixture was subiected to chromatography using a 
Perkin-Elmer Vapour Fractometer Model 154C+ with gas sampling valve. The fractometer column 


was dinonylphthalate on celite, and typical operating conditions were: helium gas flow-rate 105-110 


cm*/min, column temperature 25° and column pressure 1-6—1-8 Ib in-2. T hese conditions separated the 


280 c.c. mixture into four components. The principal component (233 c.c.; 83-2 per cent of the 280 
c.c. chromatographed) was identified as vinylgermane (see below ), while the other components were 


germane (0-8 per cent; identified by its infra-red spectrum), an unidentified gas (9 per cent; probably a 
hydrocarbon), and ethyl methyl! ether (7 per cent; identified by comparing the infra-red spectrum with 


that of an authentic sample of this ether). 
Dibuty! ether was also used as a solvent for the vinvlt: ichlorogermane-lithium aluminium hydride 


reaction, but the yields of vinylgermane were much poorer than when diglyme was used. However. as 


would be expected, no methyl ethyl ether is formed when dibutyl ether is the sols ent. The vinylgermane 
I 


obtained by chrom tography (58-4 per cent yield based on vinyltrichlorogermane used) was identified 
by its molecular weight (Found: 100-0. Calc. for C,H,Ge, 102-6), by its infra-red spectrum (Fig. 2 
and Table 1), and by analysis of the polymer formed on standing. A sample of vinylgermane was 


exposed to sunlight. After a few hours white solid formed. but there was no hydrogen or other 


volatile substance produced. 

(Analysis for white polymer. Found: C, 23-69; H, 5-88. Calc. for (€ »H,Ge),: C, 23-40; H, 
5-89°,) 

Vinylgermane was found to be sufficiently stable in subdued light to permit study of vapour- 


pressures. Results are presented in Table 2, and they conform to the equation presented earlier in 


this paper. 
Vinylgermane polymer was insoluble in all common solvents. With concentrated sulphuric acid, 
however, some liberation of hydrogen was observed. Some of the polymer (71 mg) was pyrolysed 


* The term c.c. throughout this paper refers to volumes at S.T.P 
+ We are indebted to Arthur D. Little, Inc., ¢ ambridge, Mass. for making this instrument available for 


our use 
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in vacuo with slow heating (1.25 hr) to 337°, followed by 0-75 hr at this temperature. During this 
treatment the polymer turned dark red, and 6-23 c.c. H, and 3-73 c.c. of a mixture of C,H, and GeH, 
(identified by their infra-red spectra) were formed. 

Preparation and characterization of 1 inylstannane. Several reductions of vinyltin trichloride with 
lithium aluminium hydride were carried out before any vinylstannane was isolated. From a con- 
sideration of the properties of known ethylstannanes it was anticipated that the boiling point of 
vinylstannane would be near 35°.'*” For this reason diethyl ether was not used as solvent. Further- 
more, since use of dibutyl ether had led to poor yields in the preparation of vinylgermane, it was 
decided to use diglyme as solvent. For the reduction of vinyltin trichloride the apparatus was similar 
to that used in the preparation of vinylgermane, except that the reaction flask did not carry a nitrogen 
inlet. In the first experiments the tin chloride was added to lithium aluminium hydride at room 
temperature while the pressure in the flask was held near 20 mm and the mixture was stirred mag- 
netically. Under these conditions, besides hydrogen, the only products more volatile than diglyme, and 
collected in the trap at — 196°, were stannane, ethylene and a liquid. The latter did not pass a U-trap 
held at —22° in the vacuum system. Within a few hours at room temperature this liquid changed to 
a brick red, very air sensitive, solid, with evolution of hydrogen and traces of stannane and ethylene. 

In order to obtain monomeric vinylstannane, it was necessary to add lithium aluminium hydride 
to vinyltin trichloride at a temperature of about 10°. In a representative experiment 3-5 g (92:3 
mmoles) of lithium aluminium hydride in 100 ml diglyme were added slowly (1 hr) to 14-96 g (59-34 
mmoles) of vinyltin trichloride dissolved in250mldiglymeat —10° to —5°. By maintaining the pressure 
in the reaction flask at about 4 mm volatile products were removed as soon as they were formed and 
condensed in the trap at —196°. Under these conditions diglyme refluxes from the water condenser 
and does not pass into the liquid nitrogen trap. After all the lithium aluminium hydride had been 
added, the trap was attached to the vacuum system and its contents distilled. Most of the material 
(about 5 ml) that had been collected was retained at —96°. but 198-5 c.c. of stannane (identified by its 
infra-red spectrum) were condensed at — 150°, and 226-3 cc. of ethylene (identified by its infra-red 
spectrum) were collected at 196°. The —96° fraction was refractionated through a trap at —80°. 
The first material passing the —80° trap was principally ethyl methyl ether, but the infra-red spectrum 
indicated the presence of some vinylstannane. This small fraction (43 c.c.) was discarded, and the 
bulk of liquid held at —80° refractionated using a trap at this same temperature but open to the 
diffusion pump through another trap at —196. Material slowly collected at — 196°. It was identified 
as vinylstannane by its molecular weight (Found: M, 146-0. Calc. for C,H,Sn, 148-7), and by 
trifluoracetic acid clea. age." A 25-0 c.c. sample was sealed in a tube with 60 per cent aqueous 
trifluoracetic acid and heated for 15 hr at 120°. On opening the tube, 38-2 c.c. of hydrogen were 
removed and 27:1 c.c. ethylene collected at — 196 implying the presence of 1-08 vinyl groups per 
tin atom in the original sample. The ethylene formed in this reaction was identified by its spectrum 
which was identical with that of an authentic sample. the two spectra being run at the same pressure 
Had the ethylene formed by trifluoracetic acid cle ivage been contaminated by as little as 3 per cent 
of ethane, it would have been possible to detect it. This has been established in this laboratory for 
purposes of analysing gaseous products of acid cleavage of certain vinyl metal compounds 

The infra-red spectrum of vinylstannane recorded in } ig. 2 shows the presence of a little ethyl 
methyl ether 


Vinylstannane was too easily decomposed to permit study of vapour tensions. Indeed, several 
attempts at distillation through a micro-column of the liquid obtained by reduction of vinyltin tri- 
chloride and collected at —80° (see above), resulted in discolouration before the temperature of the 
distillation flask reached 10°: and above 20° an orange precipitate formed and the solution rapidly 
darkened. No reflux was observed up to 130°. Du ing this decomposition, gas evolution, principally 
hydrogen but some stannane and ethylene, was continuous. 
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We have measured the rates of exch: inge of various metal carbonyls and their derivatives 


Abstract 


with isotopically labelled carbon monoxide in benzene solution at 25 Che carbonyls studied and 
half-times for typical experiments are Mn,(CO),,. 10 years (dark); Fe(CO),, >4 years (dark) 
Fe(CO),,, 150 hr; Fe(NO)(CO),, 400 hr: Co(CO).. —10 min Co,(CO),,, 80 hr (dark) 


Co(NOVKCO),, 19 hr; (dark); CoCO),-C,H.C CC.H. 240 hr NiiCO) 10 min. The Mn,(CO) 
Fe(CO)., and Co(NOKCO) exchanges are strongly light catalysed; the Co,(CO),. and Fe(CO) 


exchanges are light catalysed to a lesser extent Evidence indicates that Fe,(CO),. contains six 


carbonyl groups which exchange more rapidly than the other six The reaction of Fe(CO). to 


produce Fe,(CO), has been studied 


He metal carbonyls form a distinctive class of compounds with the metals apparently 
in a zero oxidation state.) Much work has been done on structural determi: lation 


of the metal carbonyls. particularly by spectroscopic methods. The structures of the 


polynuclear compounds are especially difficult to determine and the nature of the 


bonding of the carbonyl groups has long been a subject of conjecture 


In almost every case, the metal carbonyl molecule contains carbonyl groups of 


two or more different types in terms of bonding or position in the molecule. A study 


of the rates of exch: inge of these carbonyl groups with carbon monoxide was under- 


taken in an attempt to show their non-equivalence. Furthermore. such exchange 


rates, when compared among the various metal cz irbonyls, may give us some indication 


of the relative chemical reactivities of the compounds. 


EXPERIMENTAI 


Materials. Dimanganese decacarbonv!. Mn.(CO) Was prepared by the reaction of Mnl, wit 
CO at high | sonerens It was purified by vacuum sublimation just p tO use 
lron pentacarbonyl, Fe(CO).. was procured commercially in a kerosene solution. It was separated 


and purified by vacuum d 


istillation, sealed in small glass an 1poules ed in the dark until used 


lri-iron dodecacarbony!l. Fe(CO) was prepared from Fe(CO) treatment th MnO n 
alkaline methanol solution It was filtered and washed successive ulphuric ac ¢ 
acetone, and petroleum ether, then vacuum dried and stored under a n unt sed 

Dicobalt octacarbonyl, Co.(CO).. was prepared by treating an alk e cobalt (I1) nitrate suspen 
sion with carbon monoxide at room temperature followed by acidification. The main product ts cobalt 


* Work performed in part on OOR Contract No. DA-01-009-ORD-4 th the Office of O 
Resear Presented in part before the Inorganic Division of the Americ Chemical Society. M 


Presented in partial fulfillment of requirements for Ph.D., complete dissertation filed the I 
Florida State University Southern Fellowships Fund Research Fello 46-1957. Present addr 
Chemistry Department, Southwestern Louisiana Inst tute, Lafayette, Louis 

Present address, Texas Instruments Incorporated, 6000 Lemmon A\v Dallas, Texas 

For a review of these compounds, see J. W. Cantt and R. K. SHeine, ¢ Rev. 56, 1 (1956) 
E. O. Brimm, M. A. Lyncu. Jr. and W J. Sesny, J. Amer. Chem. S§ 76, 3831 (1954) 

Unless otherwise indicated. the preparative techniques are from G. By R, (Editor) Mi 
Praparativen Anorganischen Chemie p. 1343 ff. Ferdinand Enke Verlag. Stuttgart (1954) 
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which decomposes to Co,(CO), at about 20 The carbonyl! was stored undet 


vacuum and vacuum sublimed just prior to use 


Dicobs exacarbony! diphenylacetylene, Co,(CO),-C,H.C==CC,H.. was prepared by reacting 


diphenylacetylene with dicobalt octacarbonyl.* The carbonv! derivative was vacuum sublimed just 


dodecacarbonyl, Co,(CO),,, was prepared by heating Co,(CO), in benzene solution 


to 60 in the absence of ai: The benzene was evaporated and the product was purified by 


recrvstal tion from benzene 


Nickel tetracarbonyl, Ni(CO),. was prepared by treating a complex nickel (11) hydrosulphite 


¢ pressure. The product was purified by vacuum distillation 


carbon monoxide at atmosphe 


and stored in small glass ampoules 


Cobalt nitrosyl carbonyl, Co( NOVCO).. was prepared by treating cobalt carbony! anion with 


sodiu nitrite followed by acidification and purification by vacuum distillation. The product was 
store "lass ampoules under vacuum until used 

lror trosyi carbonyl, Fe( NO).(CO),. was prepared by treating Fe(CO), with aqueous base to 
produce e carbonyl anion adding sodium nitrite and acidifying. The product was purified by 


repeate cuum distillations and stored under vacuum 


Carbor noxide-"'C was prepared from barium carbonate—''C received on allocation from the 
Atomic Energy Commission. The barium carbonate was converted to carbon dioxide-—'"C and this 

€ ced to carbon monoxide by the high temperature reaction with zinc dust.'" The 

gh € rdon monoxide was diluted with inactive carbon monoxide. Matheson which had 
beer ed Dy passage Over copper at 500 scrubbing in sodium hydroxide solution, and drying 
tt spi IS Pentoxide 


er S$ reagent grade, thiophene free, and distilled from sodium 


‘change runs were made on each compound using a 


ea er similar to one described by JoHNSON'’ which allowed the reaction to be followed 
contir In general solution of the metal carbonyl in benzene was prepared in a drv box 
A kr ot S pipetted into the reaction chamber which contained a glass encased magnetic 
st the remainder of the solution was saved for analvs The reaction chamber was closed 


as introduced 


n 


udued lO (Olal pressure Of One all spnNnere reaction 


Pheoretically ve sn d be able exchanges wi i-times at icast 


hod we separated reactants at the end of the runs to determine 


ne pe nt exchange directly I chamber as removed trom the bath and reconnected to the 
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{ hydrocarbony! 
pr 
Tetr 
a 
: remaining preparative steps were carried out on_a high 
4 c ihe carbonyl soluti s degassed, then frozen at Ss and ¢ reaction chamber 
iff c ic ‘ & precautions to keep the press ¢ the same on both sides of the thin vindow 
n foil my } | 
vcr ndov The solution was warn it temperature 
a ‘ om temperature 
{ Cl ed tre system Cnamde pi | a thermostatted bath 
4 counting of e carbon monoxide gas through the 
starte I equired le We use n mica end- 
(;Ni he or nt ne } rt is 
7 i conve Cale iking sho inte counts, o ite mete ecorder 
e decrease due fc ‘ monox n the 
‘ ent also to a wa ve Of disse and 
ease anc ecrease over a period of time Fo ine cxpiorator runs 
tw ff tt t fort nit 
4 Cie ait for the rap crease lo Cease (~30 min) and then to separate the 
4 expe apparat owe (in the absence of 
NS USINg Chis CONUINUOUS 
t 
ene as out ana the cardDon monoxide gas was 
: W lebted to Dr. I. Wenner, Bureau of Min Pittsbu Pent for , th 
samy ceria 
R 
B. Bernstein and T. I. Taytor. Science 106, 498 (1947) 
R. lou 14, No. 4. 9¢ 1956) 
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pumped out, oxidized to carbon cdhoxide over hot copper onde. al wded inan alka es thon 
The benzene solution was warmed, thoroughly degassed. and the carbon, decompose t iK 
acid. (The manganese carbony! proved stable to nitric acid and common oy rents 
It was necessary to distill the benzene into a side arm an eco e the carbonyl by heating.) 
The resulting carbon monoxide was treated as above tak ing prec I to prevent t ' i mn of 
other carbon species The ca bonate in the two alkaline sol ithOns mverted to ba c honate 
by conventional methods and the radioactivity of each sample dete ned. The fract c nve 


F, was calculated by 
SOD Suco 


vhere S is specific activity and S refers to the initial Specific ac t w the carb 


Activity balances agreed within 5 per cent 


When the tlues of F calculated b equation (1) indicated i very excnange ZZ ‘ re 
convement to follow the exchange point by point. In this method, s es containing | *pProy te 
metal carbonyl! and carbon monoxide in benzene were prepared ar ealed in individ Pyrex tubes 
Samples were thermostatted until the reactants were separated and ysed by the met id bed 
above If necessary, the sample tubes could be wrapped in lightp ileria 

In one run we studied the exchange of Ni(€ O), and labelled « wr ononrxide, Dot the gas 
phase. A small known amount of Ni(( QO), was introduced into a 500 Pyrex bulb 
ture (24 5 0-5 ) The NW ©), was present solely ne ipo 4 known p es re of 
labelled carbon monoxide was added Separ ition was eflected by freezing the Ni(CO) t guid 
nitrogen. The remainder of the separation and analysis procedure © same as describx ? 

lo study the reaction of Fe(CO) to produce Fe,(CO),, a Pyrex Me tube was us Fe(CQO) 
ibsorbs light strongly in the visible region.) Fe(CO), and labelled carbon mono. de luced 
n known amounts into a previously evacuated tube and the tube MT. The bott cr ot the 

ipright tube was protected from light while the pper portion of tf De WAS CADOSE [ suniigt 
for about 2 hr at room tempe ature The reaction proceeded at a mock te rate s DS or 
at the end of the 2 hr showed that ill Fe(CO) had disappea ed trom t ne rhe ecactior =e ed 

the vapour phase or in a thin layer on the upper wall of the tube: | (QO), deposited a sol n 
the illuminated portion of the tube. The reaction is 


2Fe(CO), —- Fe(Co), co ?) 


In one run, the sample tube was heated to 70 > and illuminated er its entire volume f 2 hr 
In this run, very little. if any Fe (CQO), was produced Separ ithon clivil¥ analvses w ¢ carried 
out as described abx ve. Fe O), ind CO exposed to sunlight it 25° do not react to form appreciable 


amounts of Fe(CO) 
RESULTS AND DISCUSSION 

Table | lists the compounds studied and concentrations and half-times of « xchange 
of runs made in benzene solution. Each half-time listed represents the best fit of 
data in an experimental run of at least six determinations f traction exchange vs 
time. The experimental error (except for the immeasureably fast or extremely slow 
exchanges) is less than 10 per cent. 

Ni(CO), exchange. Only an upper limit can be set for the half-time of this 
exchange since the exchange was complete in the time required for equilibration of 
labelled carbon monoxide between the gas and solution phases. Exchanges run in 
the dark showed no decrease in rate. We note also that the gas phase exchange of 
Ni(CO), and carbon monoxide is very rapid (half-time << 3 min) and complete. which 
is contrary to the results obtained by WILLIAMS 

The generally accepted tetrahedral model of Ni(CO), involves sp* hybridization 
of the 4s and 4p nickel orbitals. The exchange can take place via a concerted one 


step process similar to nucleophilic substitutions of carbon or via a transitory ty igonal 


T. Wittiams, Ph.D. Thesis. Pennsyivania State University (1953) 
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TABLE EXCHANGE RUNS IN BENZENE SOLUTION 


Concentration 


(mmole |.~*) 
Compound Half-time of exchange* 


Carbonyl 


NiCO), min 
5 min 

min* 

min: 


min 
5 min 
min? 


Cot NOKCO) hr 


Co,(CO) 


Fe( NO).(CO) 


Fe(CO) 


Mn,(CO) 


vl groups, see discuss 


present 
inated tt iboratory light 


jution calculated from E. W. WasHeurRn 
Hill, New York (1926) 


6 
40-7 2-08 23 he 
27-9 1-77 18-7 hr? 
1-10 2-20 20-0 hi 
1-44 2:72 20-0 hr : 
3-04 80-0 hr 
Vol, 
Fe,(CO 1-00 1-96 130 hy 11 
4:27 2:48 248 hr 
; 1959 
5-88 1-89 400 hr 
5-80 2-78 350 hy 
5-49 1-34 200 hy 
10-8 1-36 240 hi 
14-¢ 2-39 240 hr 
6-9 1-84 450 h 
SO-4 7-68 450 hr 
77.7 320 325 hr 
4-28 340 hr 
49-3 3-43 4 years 
2:77 1-56 140 hr 
10-5 2-14 10 years 
135 hy 
* Half-time culated on the Dasis Of exchange of all carbon EEE ion 
React lark 
R on 1 in gas pnase hgures give to 
( nee ration of carbon monoxide in s« (Editor), Internation 
Crit Tables Vol. 3, p. 265. McGraw 
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bipyramid involving a 4d orbital. The rapid rate of exchange is in accord with the 
generalization made by Taupe‘? concerning the lability of ligands in complexes not 
using d orbitals. The same results in light and dark seem to indicate that a photo- 
dissociative mechanism is not a major path of exchange though we cannot rule out 
completely such a possibility. 

CoCO), and CC,H,; exchanges. Again, with CojCO),. the 
exchange is complete and immeasureably rapid in both light and dark. With one 
exception,* all of the models proposed for the structure of ( 0{CO), contain both 
bridge and terminal carbonyl groups: on this basis, our exchange data must be 
interpreted as a very rapid exchange of carbon monoxide with both bridge and 
terminal groups or as a very rapid intermolecular exchange followed by a very rapid 
intramolecular rearrangement 

However, evidence from other bridged polynuclear carbonyls indicate chemical 
stability and much slower exchange rates. If we postulate a dissociation 


Co(CO), 2Co(CO), (3) 


the resulting Co(CO), should show a very rapid exchange rate. We have found that 
the absorption band of the benzene solution at 352 mu shows an extinction coefficient 
that varies with concentration.“” The dissociation product should have an unpaired 
electron; an examination of a benzene solution by electron magnetic resonance 
showed no absorption band.+ It is possible that spinorbit coupling would make an 
unpaired electron impossible to detect 

The results with Coj(CO).C.H.C-—-CC,H. are quite different: we found an 
exchange half-time of about 240 hr, not catalysed by light. All groups exchanged at 
the same rate. This compound shows no bridge carbony! group absorption in the 


infra-red;""" the diphenylacetylene has replaced the bridge carbonyls or perhaps a 


non-bridging carbonyl group exists, similar to the cvanide groups suggested by 
Et-Sayep and SHetine”” for the case of the hexacyanodinickelate (1) ion. In any 
case, a homolytic dissociation is impossible. 

For all carbonyl groups of Co,(CO),°C,H,;C=CC,H. to exchange at the same 


rate, we can imagine three mechanisms: (1) structural equivalence of all carbonv! 
groups, (2) structural non-equivalence with a fortuitous correspondence of exchange 
rates, or (3) a rapid intramolecular rearrangement of carbonyl groups. From our 
data, we cannot decide among the alternatives and at present, no definite structure 
has been proposed for the compound. + 


Co,(CO),, exchange. The exchange of this compound ts light catalysed to some 


1¢ Mode! containing fi cardony! groups on each cobalt v 


node miikely 
\ of Oak Ridge Nat 

i rhe structure of compound in the so 
Sty, J yr em. § 81, 18 (1959). He proposes 
cobalt—cobalt nd and that the lectrons of the acet 

obalt atoms. The six carbony! er ups are chemical! 

H. Taupe, Chem. Rev. 50, 69 (1952) 
J. W. R. Nywoim and R. K. J timer. Chem. Soc. 76, 3373 (1954) 
(b) R. A. Freeper, |. Wenper. S. L. Su FLER and H. W. Srernaerc. / S951 (19585) 
his effect was also noted by J. W. Cantus Dissertation, Florida State | ersity (1955) 
H. W. Srernserc, H. Greenriecp. R. A Friepet, J. Wortz, R. Mary ind I. Wenner, J. Ann 
Chem. Soc. 76, 1457 (1954) 
M. F. A. Et-Savep and R. K. SHecine. J. Amer Chem. Soc. 78, 702. (19%¢ 
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extent but all carbonyl groups exchange at the same rate. Recent work” has shown 
a reaction 


2Co,(CO), =* Co,(CO),, + 4CO (4) 


occurring at elevated temperatures. Such a reaction would lead to complete exchange 
of all carbonyl groups at the same rate and might be light catalysed. We do not 


favour the dimer structure suggested by CaBLe and SHELINE.” 


O O O 


O O 


Here. the cobalt bond hybridization is presumably 3d4s4p* (square planar) with a 
Co-Co sharing of the odd 3d electrons. The existence of the empty 4p orbital should 
lead to a relatively rapid exchange rate 
Fe(CO). exchange. The exchange in the dark is extremely slow and is quite 
sensitive to light. All attempts to find a non-equivalence of carbonyl groups in the 
light catalysed reactions proved fruitless; the reaction went to complete equilibration 
uniformly except for a small amount of Fe,(CO), insoluble in benzene. produced 
long illumination. (The dark reactions proceeded too slowly to allow us to 
analyse the results in terms of non-equivalence of exchange.) 
[he accepted hybridization of the iron atom is 3d454p* (trigonal bipyramid) and 
there is little tendency to use the vacant 4d orbital to form an octahedral transition 
state. The difference in exchange rates between Fe(CO); and Ni(CO), is striking. 


Both have completely filled inner and outer orbitals using a d orbital for bonding in 


the one case and not in the other 
We examined the possibility of photodissociation of Fe(CO) by studying the 


reaction in equation (2). The reaction may proceed via two paths 
Fe(CO), —» Fe(CO), + CO 


Fe(CO), Fe(CO). Fe(CO), 


Fe(CO), —» Fe(CO).* 
Fe(CO).* Fe(CO),; —» Fe,(CO), — CO (Sb) 


We assume a very small concentration of the intermediate species at any time and 


note that the reaction takes an appreciable time to reach completion. In the usual 
case for reactions of this type, a reversible equilibrium exists between the ground 
state species and the activated intermediate. In our experiments, we had labelled 
carbon monoxide present in the sample tube: the reverse of reaction (4a) would incor- 
porate such label into the Fe(CO).;. Furthermore, we expect Fe(CO), to be very 
reactive towards exchange. The reverse of reaction (5a) will not incorporate the 


R. Ercou and Barsiert-Hermitte, Arti. Accad. Nazi. Lincei 16, 249 (1954) 
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label into Fe(CO},: | e(CO),;* may or may not undergo exchange during its lifetime 
lable 2 gives the results of our experiments. 

We see that the incorporation of labelled carbon monoxide into Fe(CO),. 
produced at 25°. is exceedingly small, and we feel that a photodissociation process 
is not a major path for the reaction. Eyser'” has arrived at a similar conclusion 
from a study of the quantum yield of the reaction and the effect of added inert gases 
Our results on the reversible equilibrium between Fe(CO). and | e(CO} 
temperatures corroborate the work of Dewar." 


, at elevated 


TABLE 2.-PRODUCTION oF Fe,(CO), Fe(CO) 
(All runs in Pyrex tubes in sunlight for 2 hy 


Fe(CO) Cco* 


(mmole) (mmole) 


0-933 0-806 
1-62 0-872 


0-964 


Initial amount of labelled carbon monoxide 

Calculated assuming complete reaction of Fe(CO). to Fe,(CO 

n fir umber of carbonyls groups per Fe,(CO 
fast run, number of carbonyl! groups 


a 


et amount of Fe,(CO), was produced 


Fe,(CO),, exchange. In the light, these runs show a con plete equilibration of 


activity with a half-time of about 130 hr for a typical experiment. The results of 


experiments run in the dark show that the exchange rate decreases with time. Fora 


typical run the initial rate shows a half-time of less than 200 hy 


r, yet the exchange is 
only 68 per cent complete after 1000 hr. The behaviour is that expected for the case 


oO! two exchange reactions occurring simultaneousl\ An analysis of the exchange 


data allowed us to calculate the fraction of carbonyl groups exchanging readilv on 


the assumption that the remainder were not exchanging at all. Results of three runs 


on this basis indicated 7-1. 6-5 and 7-2 groups exchanging rapidly. (An estimate gave 


a half-trme of at least five fold greater for the slow exchans In 


addition, the 


absorption spectrum of the compound in carbon tetrach! solution shows an 


extremely narrow peak at 605 mu, half width 2500 em 
he existing data on the structure of Fe,(¢ QO). have b 
ways. Britt" and SHevine”” favour 


Structure. a linear 
atoms with pairs of bridging carbonv!l groups between each two adjacent iron 


and four terminal carbonvl groups on the end tron atoms. This would give a d* 


hybridization on the end iron atoms and a d°s hvbridizat 


on the centre atom 


Dan and RUNDLE“) suggest a cyclic arrangement of iron ns with metal-metal 


bonds and four carbonyl groups on each iron atom, the six bonds of the iron to be 
yrovided by Mr. M. O'Dwys 
Chem. 144 A, 1 (1929) 
Chem. Ne 96, 75 (1910) 
Ve (19341) 
Chem. Soc. 73, 1615 (1951) 
Chem. Phy 26. 


7 1-80 0-33 25 
1-86 5 708 
rst two runs 
| 
produced 
vhic Fe(CO). molecule 
pres 
n interpreted in three 
f iron 
itoms 
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arranged octahedrally. The structure contains no bridging carbonyl groups. Mitts‘! 
finds evidence for the 3.3.3.3 arrangement. 

Our data agree with the latter structure. We imagine the following hybridization 
for the two types of iron atoms 


End iron 4d* filled, non-bonding 
4d one electron, forms bond with central iron 
4d*5s5p* filled, three terminal bonds. three bridge bonds, 
octahedral arrangement 


Central iron 4d empty, non-bonding 
4dSp one electron each, form bonds with end iron atoms 
4d°Ss5Sp* filled, six bridge bonds. octahedral arrangement 


The diamagnetism is preserved in this structure and there is the required six and six 
division of carbonyl groups to account for the exchange data. Further, the empty 4d 
orbital on the central iron atom could be the site of an inner d transition leading to 
the narrow band at 605 mu. The energy and half-width are very similar to those 
found for inner d orbital transitions in other iron salts.'2 It is impossible, of course. 
to decide from the data which of the carbonyl groups, terminal or bridging, are 
exchanging more rapidly. 

Mn.(CO),, exchange The extremely slow exchange reaction in the dark is 
expected in terms of the slow dark exchange of Fe(CO), and the structure of the 
molecule. The accepted model has each manganese atom bonded octahedrally to 
five carbonyl groups and the sixth bond to the other manganese atom.” The 
hybridization scheme is 4d°5s5p* with no unfilled orbitals. It should also be noted 
that Mn.(CO),, is the most stable carbonyl compound we studied; ordinary aqueous 
oxidizing agents had no effect on it. We had to decompose the material in a heated 
Pyrex tube to recover the carbon monoxide. 

Co( NO\(CO), and Fe(NO).(CO), exchanges. These compounds are isoelectronic 
with Ni(CO), and have the same tetrahedral structure. The decrease in atomic 
number from Ni to Fe is balanced by the extra electrons from the NO groups and the 
seri€s shOWS an Increase in dipole moment, Ni(CO),, 0-00; Co(NO\CO),, 0-72 D: 
Fe( NO),(CO),, 0-95 D."*") The data show a marked increase in e ‘change half-times: 
Ni(CO),, immeasureably fast; Co(NO\( O),, 19 hr (dark); Fe(NO),(CO),, 400 hr 
Che inverse of the half-times is not exactly comparable to the exchange rate but gives 
a rough approximation. No non-equivalence of exchange was found in any case 

On replacing a CO group with an NO group, the effective negative charge of the 
metal atom should increase and the bond order of the ligand-metal bond should 
increase.’ Both effects should decrease the exchange rate of the carbonyl groups. 
[he increased negative charge on the metal will decrease the rate of a nucleophilic 
substitution reaction. (We are discussing here the dark reactions w here the mechanism 
is not necessarily a dissociative one.) The increased bond order indicates a greater 


participation of 4d orbitals in z-bond formation: as noted above. those simple 


M Chem. & Ind. 73 (1957) 


O. G. Hoimes and D. §. McCiure. J. Chem. Ph 26. 1686 (1957) 
BE. We Z. Anorg. Chem. 287, 223 (1956) 
J. C. BaiLar (Editor) The Chemistry of the Co-ordination Compounds pp. 806-846. Reinhold New York 
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carbonyls in which d bonds occur show a slower exchange rate than those in which 
d bonds do not occur. For the Fe(NO),(CO),, we would expect these effects to a 
still greater extent and hence the slowest exchange rate of the series. 


icknowledgements—We should like to acknowledge helpful discussions with M. F. O'Dwyer 
concerning the interpretation of the spectrum of Fe,CO),, and with Dr. H. W. Srernperc of the 
U.S. Bureau of Mines. Pittsburgh 
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CYCLISCHEN DIENVERBINDUNGEN UND 
METALLCARBONYLEN 
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Abstract — Substituted cyclopentadienones react with iron-carbonyls to form stable diamagnetic 


™-compilexes of the general formula (cvclopentadienone)Fe(CO) Similarly and 
tetracyclone yield [(tetracyclone)\Co(CO),],Hg but Co.(CO).« loses at higher temperatures its CO 
compietely to form (tetracyclone) ,Co,; this latter is shown to containasandwichan on [(tetracvclone),- 


Co Analogous compounds could be obtained from Fe,(CO),. and CriCO),. whereas MoiCo) 
yields a stabdie (tetracyclone), o(CO), and Mn,(CO),» gives an unstable compound which can be 
converted into 7-complexes of the type C,H,Mn(CO) The ability of other dienes to act as complex 
ligands is discussed and new th phenedioxide-irontricarbonyls are described 


IN einer zusammenfassenden Mitteilung’’ iiber die Reaktion von Metallcarbonylen 
mit Alkinen wurden Verbindungen beschrieben, die dort erstmals als Cyclopenta- 
dienon-cisentricarbonyle (Abb. |) formuliert wurden. Sie entstehen bei der Um- 
setzung von [Fe(CO),]},'*-*") oder Fe(CO),."4.5.2) mit \cetylenderivaten und sind sogar 
unter den Bedingungen der ¢ arbonylsynthese aus aktivem isenpulver, Kohlenoxyd 
und erhaltlich 

Die Beobachtung. dass ein mit Diphenylacetylen erhaltener Komplex der Sum- 
menformel Fe(CO)(C.H.C,C,H.), beim Erhitzen fetraphenyl-cyclopentadienon 
(Tetracyclon) abspaltet, gab den ersten Hinweis, ( yclopentadienone als Komplex- 
etracnten 


Dementsprechend konnte (Tetracyclon)Fe(¢ QO), auch durch direkte Synthese aus 


fetracyclon und Eisencarbonylen in cuten Ausbeuten erhalten werden.” Dieses 
Ergebnis veranlasste uns die Umsetzune von ( yclopentadienonen und ijihnlichen 
cyclischen Dienen mit Metallearbonvlen eingchender zu untersuchet 


KOMPLEXVERBINDUNGEN AUS CYCLOPENT ADIENONEN 
UND EISENCARBONYLEN 


Cy vadienon-eisentricarbonyle werden vorzugsweise durch Umsetzune eines 
Cyclopentadienons mit Eisencarbonylen in einem inerten Lésungsmittel dargestellt 
Si igiert Tetracyclon mit Fe,(CO), schon bei Zimn ertemperatur unter Bildung 


IV. M W.H 
1M W.t E.H 


Br 


Braye. J. Nucl. Ch 10. 250 (1959) 


pp. 42 to 55. Pergamon Press Lid. Printc 
4 
Vol 
195) 
Darstellu 
| 4 E.W s, LU. Krierke, D. A. Be G. S. D. Kone 
/ r Nu Chem. 204 (1959 
G.N.S Chem. & Ind. 14 404 $8) 
D inn. $83, 133 (1953) mitgeteilte Komplex der Summenform 
H.O vlicherweise vent onike(CO) ‘ 
H. P.C.W WH I. Chem. 4021 (1955) beschrieben erstm n 
erb j ils 2 +~ opentadienon-eisentrica vy! aufzufasser I Vel. hierzu die 
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von Kohlenoxyd, Eisenpentacarbony| und der gelben Verbindung ( Tetracyclon)- 
Fe(CO), entsprechend der Gleichung: 


Tetracyclon +- Fe,(CO), —> ( letracyclon)Fe(CO), Fe(CO). — CO 


Verwendet man [Fe(CO),],. so erfolgt die Umsetzung erst bei 80-100°¢ 
letracyclon-eisentricarbony| entsteht noch eine schwerlésliche. dunkelbraune Ver- 
bindung, die sich in ihren Eigenschaften an die spater beschriebenen Kobaltkomplexe 
anschliesst. Fe(CO), und Tetracyclon ergeben bei 130-180°C im Bombenrohr oder 
Autoklaven fetracyclon)Fe(CO), in praktisch quantitativer Ausbeute 

Nach den bisherigen Ergebnissen lassen sich Eisencarbonyle nur mit solchen 
Cyclopentadienonen umsetzen, die unter den Reaktionsbedin rungen als Monomere 
vorliegen; dies ist im allgemeinen nur bei mehrfach arylsubstituierten Verbindungen 
der Fall.'* Gewisse substituierte ( yclopentadienone bilden im festen Zustand farb- 
lose Dimere, die aber in Lésung und beim Erhitzen reversibel dissoziieren.\* Es 
ist von Interesse, dass das im Gleichgewicht vorliegende monomere Dien durch 
Komplexbildung mit dem Metallcarbonyl abgefangen und stabilisiert werden kann. 
wie 


2. Eigenschaften und Struktu 

In Tabelle 1 sind die bisher bekannten Cyclopentadienon-eisentricarbonvle 
zusammengestellt. Es handelt sich um leicht kristallisierende, luftstabile Verbindun- 
gen von gelber Farbe. Sie sind gut léslich in Benzol, Ather. Aceton oder ¢ hloroform, 
weniger in Petrolather und Alkoholen und schmelzen bei héheren Temperaturen unter 
\bspaltung der Cyclopentadienonkomponente; dementsprechend lassen sich nut 
einige Komplexe unzersetzt im Vakuum sublimieren 

Im LR “Spektrum zeigen alle Cyclopentadienon-eisentricarbonyle drei \bsorp- 
tionsbanden fiir die Valenzschwingungen metallgebundener CO-Liganden (Tabelle 1) 
Eine ahnliche Bandenanordnung findet man auch bei den kiirzlich beschriebenen 
Eisentricarbonyl-Verbindungen der Butadiene." des und 
Durochinons 

Bei den Cyclopentadienon-eisentricarbonylen stellt man ferner eine intensive 
Absorptionsbande fest, die je nach den Substituenten am Ring zwischen 6-05 und 
623 uw liegt. Sie kann nur der C—O-Valenzschwingung des komplexgebundenen 
Ringketons zugeordnet werden und tritt immer langwelliger auf als in den entspre- 
chenden freien Ketonen.* In den Komplexverbindungen muss also die ¢ O-Doppel- 


bindung schwiicher geworden sein, was durch Polarisierune C--O «+» C—O 


* Tetracycion z.B. absorbiert bei 5-83 u 


C. F. H. ALten u. J. A. VAN ALLAN, J. Amer. Chem. Soc. 72. 5165 (1950) 
B. F. HaLtam u. P. L. Pauson. J. Chem. Sox 64) (1958) 
H. W. Sternserc, R. Markey u. I. Wenper. J. Amer. Chem. Sov 80, 1009 (1958). 
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TABELLE | 


CYCLOPENTADIENON-EISENTRICARBONYLE 


IR-aktive CO-Valenz- 
Zersetzungs- schwingungen in KBr 


Verbindung temperatur 


(C) 
im 5 #-Gebiet im 6 «-Gebiet 


a 
H.C, 
Fe(CO), ca. 180 4-85 4-97 6-09 
Fe ca. 150 4-86 4-99 5-04 6-07 
205-206 4-86 4-99 5-03 6-11 
Fe ca. 230 4-85 4-99 5-03 619 
Vol 
Fe 218-219 §-85 4-98 5-01 6-05 
11 
1959 
175-180 4-83 4-96 5-00 6-06 
‘ - 173-175 4-83 4-96 5-00 6-08 
e(CO), ca. 250 4-83 4-97-5-02 6-20 
e 167-168 4-84 4-97-§-03 6:23 
174-175 4-84 4-97 5-03 6-14 
Bemerk 
om * Wurde Eisencarbor n und der entsprechenden Acetylenkomponente dargestellt 
Die Stellung der Substituenten am Cyclopentadienonring ist nicht hert 
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erklart wird. Die so am Ring entstehende Elektronen liicke kann nun unter Ausbil- 
dung cines aromatischen Systems ein | lektronenpaar des Zentralatoms aufnehmen 
(Abb. 1). 

Diese Vorstellung wird durch das grosse Bildungsbestreben von Fiinfring- 
\romatenkomplexen gestiitzt;"" andererseits ist eine solche F ormulicrung geeignet, 
die formale negative Aufladung des Metallatoms auszugleichen 

( yclopentadienon-cisentricarbonyle sind noch zu den Dien-K omplexenzurechnen: 
zur vollstindigeren Beschreibung der Bindungsverhiiltnisse miissen abet mesomere 
Grenzstrukturen wie in Abb. | beriicksichtigt werden. In beiden Fallen erreicht das 
Eisenatom Kryptonkonfiguration: dementsprechend wurde auch bei den bisher unter- 
suchten Verbindungen Diamagnetismus festgestellt. Eine theoretische Behandlung 


Ane. | 


der Bindungsverhaltnisse nach der Methode der Molekiileigenfunktionen wurde 
von Brown''") gegeben. 

Cyclopentadienon-eisentricarbonyle zeigen noch typische Reaktionen der Metall- 
carbonyle; so lisst sich ein Teil des Kohlenoxyds durch andere Liganden, wie 
Phosphine, Phosphite oder Isonitrile substituieren. Man erhilt Verbindungen, 
wie (Tetracyclon)Fe(CO),P(C,H;), oder (Tetracyclon)Fet« die 
stabiler sind als die Ausgangskomplexe. Durch alkoholische Lauge in Gegenwart 
von Luftsauerstoff werden Cyclopentadienon-cisentricarbonvle abeehaut Diese 
Umsetzungen wurden noch nicht niiher untersucht und sind wohl im Sinne einer 
Basenreaktion'™’ aufzufassen 

Die Ketogruppe des komplexgebundenen ( yclopentadienons zeigt dagegen nicht 
mehr die charakteristischen Ketonreaktionen Beispielsweise gelang es auch unter 
scharfen Bedingungen nicht, die 2 4-Dinitrophenylhydrazone des (Tetracyclon)- 
Fe(CO), und darzustellen. 
obwohl sie bei den zugrunde liegenden ( yclopentadienonen bekannt sind Auch 
(2:5-Diphenyl-cyclopentadienon)Fe(CO), blieb bei allen Versuchen zum chemischen 
Nachweis der Ketogruppe unangegriffen."! 

Orientierende Versuche zeigten jedoch, dass Phenyihvdrazone von ( yclopenta- 
dienonen mit Eisenpentacarbonyl zu schwerléslichen Kon plexverbindungen um- 
gesetzt werden kénnen 

Das p-Dimethylamino-anil des Tetracyclons reagiert mit Fe(CO). unter Bildung 


Vel. z.B. das Aromatisierungsbestreben von Tropon, dessen Ketong bei 6,10 bsorb 


Vel. E. O. Fiscuer. Aneew. Chen 67, 475 (1955) und die dort zitierte | j 


11l. Mitteil.: D. A. Brown, J. Inorg. Nucl. Chen 10, 49 (1959) 
W. Hieser u. G. Brenve . 7. a re. Chem. 289, 324 (1957) und die dort Lite 
W. Josten, Ber. dtsch chem. Ge 71, 2230 (1938): ¢ F. H. ALLEN Va \ in. J 1; C/ 


Soc. 64, 1260 (1942) 
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von gelbem [Tetracyclon-( p-dimethylaminoanil)|Fe(¢ O),. das sich in seinen Eigen- 
schaften den C yclopentadienon- eisentricarbonylen anschliesst. aber im I.R -Spektrum 
nur zwei Absorptionsbanden fiir CO-L iganden aufweist. 


Il KOMPLEXVERBINDUNGEN ALS CYCLOPENTADIENONEN 
UND ANDEREN METALLCARBONYLEN 


|. Aobaltcarbonyle 

Kobaltcarbonylquecksilber, [Co(€ O),J,Hg. reagiert mit letracyclon in einem 
nerten Lésungsmittel bei etwa 100°C unter Bildung dunkler, dichroitischer Prismen 
von [(Tetracyclon)Co(CO),),Hg. Die Verbindung ist luftstabil, zersetzt sich ab ca. 


ABB 
195°C unter Abscheidung von letracyclon und lést sich in Benzol oder ¢ hloroform 
mit rubinroter Farbe. Sie wird als echtes Substitutionsprodukt des [Co(CO),],Hg auf- 
gefasst,'") wobei Tetracyclon wie bei den Cyclopentadienon-eisencarbonylen an 
Stelle von zwei CO-Liganden in den Komplex eintritt. Im LR. -Spektrum findet man 
zwei Absorptionsbanden fiir met illgebundenes Kohlenoxyd (4-93 und 5-02 u) und 
eine weitere intensive Bande der Ketogruppen bei 6°10 «. Fiihrt man die Umsetzung 
von [Co(CO),},Hg mit Tetracyclon bei héheret lemperatur (etwa 150 C) aus, so bildet 
sich unter Hg-Abscheidung und volliger _Kohlenoxydentbindung eine kristalline. 
unldsliche Substanz der Bruttoformel (Tetracyclon),Co, (Abb. 2. 1). Vorteilhafter 
und in grésserer Reinheit kann sie bei Verwendung von Co,(CO), d irgestellt werden. 

Kobaltcarbonyl, Co~CO),,. und Tetracyclon re: igieren in inerten LOsungsmitteln 
bereits bei etwa 60°C Hierbei wird nur ein Teil des Kohlenoxyds frei und es entsteht 
eine tiefbraune, luftempfindliche Lésung, die nach ihrem I.R.- “Spektrum ein Tetra- 
cyclon-substituiertes Kobaltcarbony| enthalt. Diese Verbindung konnte bisher noch 
nicht rein dargestellt werden. Bei héheren Reaktionstemperaturen (etwa 130 -160°C) 
wird dann alles Kohlenoxyd entbunden und man erhiilt (Tetrac velon),Co, in Form 
dunkelvioletter Kristalle. Die Verbindung ist ausserordentlich stabil (Zers bei ca. 
400°C) und in organischen Lésungsmitteln nahezu unléslich, was bereits auf eine 
salzartige Struktur hinweist. 

Der in Benzol oder Chloroform suspendierte Komplex kann durch Einleiten von 
HCl-Gas abgebaut werden. Dabei scheidet sich etwa ein Drittel des Gesamtkobalts 
als CoCl, ab. Gleichzeitig a eine rote, lésliche Verbindung der Zusammen- 
setzung (Tetracyclon),CoH (Abb. 2. I), die ein saures Wasserstoffatom enthalten 


) Vol. W. Hreper u. R. Brevu, Chem. Ber 90, 1259 (1957) 
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muss, denn sie kann mit Diazomethan methyliert (Abb. 2, [V) und mit Essigsaure- 
anhydrid in ein Mono-acetylderivat (Abb. 2, V) iiberfiihrt werden 

Einwirkung von Na- oder K-Alkoholat liefert die entsprechenden Alkalisalze 
(111), die mit CoCl, wieder zur Ausgangsverbindung (I) umgesetzt werden kénnen 
Aus diesem Reaktionsschema geht hervor, dass (Tetracyclon),Co, als Co? -Salz 
eines Komplexen Anions {(Tetracyclon),Co}~ aufzufassen ist. von dem sich alle 


anderen Verbindungen ableiten. 
Sp «<p 
=< 
» 


Aue. 3 
Dieses Anion wird als Doppelkegel-Verbindung (‘sandwich’) betrachtet. Dabei 
erreicht das Zentralatom Edelgaskonfiguration, was durch den an II festgestellten 
Diamagnetismus gestiitzt wird. Die negative Ladung kann aber nicht lokalisiert 
werden. Zur Beschreibung des Bindungszustandes werden in Aniehnung an die 


Cyclopentadienon-eisentricarbonyle mehrere mesomere Strukturen vorgeschlagen 


(Abb, 3) 

In den \ erbindungen L-V (Abb. 2) sind die Absorptionsbanden der (€ O-Gruppen 
noch weiter als bei Cyclopentadienon-cisentricarbonylen in das langwellige Gebiet 
verschoben (ca. 6:25-6:75 und in ihrer Intensitit wesentlicl abgeschwiicht,* so 
dass den Grenzstrukturen b und c (Abb. 3) grosseres Gewicht zukommt. Diese 
Co-Komplexe sind auch im Hinblick auf ihre grosse Stabilitit besser als Derivate des 
Di-cyclopentadienyl-kobalts'™'® aufzufassen. Dies gilt insbesondere fiir die Salze 
(1, IIL). wo die Polarisierung der ¢ O-Gruppen durch die ihnen koordinierten Kationen 
weiter begiinstigt wird (6-6-6-75 «). In den Derivaten IV und V ist die Methyl- bzw. 
Acetylgruppe an Sauerstoff gebunden, der damit cinem aromatischen Ringsystem 
angeh6ren muss. Der andere Tetracyclon-I igand dagegen diirfte noch vorwiegend 
nach Art der Dienkomplexe (6:25-6:30 u) gebunden sein (Abb. 3, b) 

Im Falle der Wasserstoff-Verbindung (11) werden intra- oder intermolekulare 
H-Briicken angenommen, da in den LR -Spektren ausgepriigte Absorptionsbanden 
fur ene OH-Gruppe fehlen.+ 


setzung von [Fe(CO),], mit Tetracyclon neben (Tetracvclon)Fe(CO), entstel 


ne Verbindung wird entsprechend als Eisens eines Anions 


ert Sie enthalt eber Keine K ohlenoxy lligander r LR.-S 


vic chbar Abba imiut Hi¢ oder met! inolische La nie ru Prod 


eren oder acetyvlierer lassen. Diese Eisenverbir 


tsprechenden Kobaltkomplexe I-\ (Abb. 2) Die | 


der Korrektur Inzwischen 


aus NCO Tetracyclon bzw. Diphenylacetvlen erhalten v 


VManegancarhony! 

Mn{CO),, und Tetracyclon reagieren in einem inerten | sungsmittel bei ca 
140—-150°C unter Bildung einer dunkelbraunen | Osung, die nach ihrem I.R.-Spektrum 
Bereic izscnwingungen re Zuo st dadurch erschwert 


Tropolon und inl n ngen, siche d 
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eine Komplexverbindung mit Kohlenoxydbriicken (5-43 ) enthiilt. Diese Verbindung 
ist ausserordentlich luftempfindlich und konnte noch nicht in reinem Zustand isoliert 
werden. Auch bei Zugabe von Wasser erfolgt sofortige Zersetzung, dabei wird neben 
letracyclon und Mz inganhydroxyden ein stabiler, hellgelber Komplex ( Tetrapheny!- 
hydroxy-cyclopentadienyl)Mn( CO), gebildet, der als Derivat des (C,H,)Mn(C O). 
aufgefasst wird “7 (Abb. 4). 

Die Anwesenheit einer OH-Gruppe ergibt sich aus dem I.R.-Spektrum, ausserdem 
CeHs 


~6 


CeHs 


0 
ABB 


4 


kann mit Diazomethan die entsprechende Methoxyverbindung dargestellt werden 


Sie kristallisiert in hellgelben Nadeln vom F. P. 239°C und ist im Vakuum sublimier- 
bar 


Chromcarbonyl 


rCQO), und Tetracvclon ergeben bei ca. 180°C tiefschwarze. luftempfindliche Kristalle eines 
unloéslichen Kor npk xes, der keine Kohlenoxydliganden mehr enthalt und ahnlich wie die beschrie- 


benden salzartigen Co- und Fe-\ erbindungen abgebaut werden kann 


4. 


Molybddncarbonyl 


Mo(CO), reagiert mit fetracyclon in Benzol bei ca. 160°C unter Bildung von 
gelbem (Tetra yelon),Mo(CO),. Die Verbindung ist luftstabil und zersetzt sich erst 
bei 205-210°C unter Abscheidung von Tetracyclon. Aus der Lage der A bsorptions- 
bande der Ketogruppen bei 6-07 « (in KBr) ergibt sich. dass die letracyclon-Liganden 
ahnlich wie in den (¢ ‘yclopentadienon-eisentricarbonylen gebunden sind Es wird eine 
Doppelkegelstruktur ohne Symmetriezentrum vorgeschk igen, da zwei intensive 
Banden fiir die \ alenzschwingungen der beiden Kohlenoxydliganden (5-00 und 5-13 wy. 
in KBr) beobachtet werden 


ORGANO-EISENCARBONYLE MIT ANDEREN 
CYCLISCHEN DIENEN 

Allgemein lasst sich sagen, dass Dien-metallcarbonyle bevorzugt mit Eisen als 
Zentralatom entstehen. Betrachtet man die verschiedenen Dien-Systeme auf ihre 
Fignung als Komple ‘xliganden, so stellt man fest: 

Bei Cyclopentadienen ist die Tendenz zur \romatisierung so gross, dass unter 
H-Abspaltung"*) oder Umlagerung® ausschliesslich Cyclopentadienyl-Verbin- 
dungen gebildet werden: ein (Cyclopentadien)Fe(CO), konnte bisher nicht erhalten 
werden 

Dien-eisentric: irbonyle entstehen di gegen, wenn der U bergang in ein aromatisches 
System erschwert (( ‘yclopentadienone) oder ausgeschlossen ist (Butadiene'7’) 
Diene mit konjugierten C—€ -Bindungen sind zur Komplexbildung besonders 
geeignet.'”’ Es gelang z.B. nicht, aus Dibenzalaceton. Phoron oder p-Benzochinon die 

E. O. Fiscuer u. R. Jina, Z. Naturf. 9 B. ¢ 18 (1954) 


r. S. Piper, F. A. Corton u. G. W LKINSON, J. Inorg. Nucl. Chem. 1, 165 (1955) 
B. F. HALLAM u. P. L. Pauson, J. Chem. Si 646 (1958) 
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entsprechenden Organo- -eisentricarbonyle darzustellen, obwohl ein Durochinon- 
Komplex auf anderem Wege zuganglich ist.‘*) Negativ verliefen auch Versuche. 
Fluorenon oder inthrenchinon mit Fe(CO). umzusetzen 

Ein reaktionsf: ihiges, konjugiertes Dien- System liegt dagegen in den Chiophen- 
ib I-dioxyden vor, die sich auch in ihren sonstigen chemischen Eigenschaften mit 
Cyclopent: idienonen vergleichen lassen.‘2°) Dementsprechend kénnen stabile Thio- 
phendioxyd- -cisentricarbonyle (Abb. 5) dargestellt werden. Durch I inbeziehung der 


om 


App. 


vier z-Elektronen des Diens erreicht das | isenatom wiederum | delgaskonfiguration 
Es wurden bisher die hellgelben, gut kristallisierenden Verbindungen (Tetra- 
phenyl-thiophen-| :|-dioxyd) Fe ¢ QO), und (2:5-Dimethyl-thiophen-| :1-dioxyd)Fel( O). 
erhalten. Sie zersetzen sich bei 232° bzw. 150°C unter Abspaltung des Thiophen- 
dioxyds und schliessen sich auch in ihren anderen Eigenschaften den Cyclopenta- 
dienon-eisentricarbonylen an. 


IV BESCHREIBUNG DER VERSUCHI 
(Mitbearbeitet von Dipl.-Chem. R. Merényt, J. Vanpew ALLE, 
J. Nietsen und A. Geronpat )* 
|. (Tetracyclon)Fe( CO), 


(a) Darstellune aus FeACO),. 4 g letracyclon und 4¢ Fe ACO), 
(Molverh. ca. 1:1) wurden in 100 ml Benzol unter N.- Atmosphire bei Zinamer- 
temperatur geriihrt, bis nach 5 Stunden alles Fe ACO), verbraucht war. Die Reaktion 
ist bei 30-40°C in etwa einer Stunde beendet. Fs entetnaden etwa aquimolare Mengen 
CO, Fe(CO). und ( Fetracyclon) Fe(CO),. Die filtrierte Lésune wurde durch Chroma- 
tographie ( \luminiumoxyd *“Woelm”’-I schwege, neutral oder sauer) aufgearbeitet; 
dabei wurden nacheinander eluiert: Fe(( QO); durch Petrolither, nicht umgesetztes 
letracyclon durch Benzol-Ather-Gemisch. ( letracyclon)Fe(CO). durch Aceton odet 
Methanol. Der Komplex kann aus Benzol-Petroliither oder Benzol-Methano! 
umkristallisiert werden. Ausbeute 4 ¢ {entspr. 75°,). 

(b) Darstellung aus O) In einem Kolben mit Riickflusskiihler wurden 
g Tetracyclon und 1-5 g g [Fe(CO),], (Molverh. 3 2) 
auf “95 100°C erhitzt. inter CO-Entwicklung entstand ein dunkelbrauner. fein- 
kristalliner Niederschlag (0-85 @). der das Ausgangsprodukt fiir die kohlenoxydfreien 


in 150 ml Toluol eine Stunde 


Eisen-Tetracyclon-Komplexe darstellt und beim trockener Erhitzen Tetracyclon 
ibspaltet. Die Toluollésung enthielt unveriindertes Fetracyclon (0-77 g), Fe(CO), 
und (Tetracyclon)Fe(CO), Irennung durch Chrom natographie (vgl. la). Ausbeute 
in (Tetracyclon)Fe(CO). etwa 0-7 
(c) Darstellung aus Fe( CO). (1 g) wurde mit iiberschiissigem Fe(CO) 
Die Analysen wurden von H Geyerj, D. Grar und R. Hovouer at 


Vel. J. L. Meiies Dissertation Gron gen (1951) 
W. Dittuey u. ft Quint, J. pr Chem. 128, 139 (1930). 
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(4 ml) und etwa 10 m! Xylol oder Benzol im Einschmelzrohr drei Stunden auf ca. 
150 C erhitzt. Nach vorsichtigem Abblasen des CO-Druckes konnten aus der 
gelben Losung 1-35 g (99°.) (Tetracyclon)Fe(CO), erhalten werden 
(Tetracyclon)Fe(CO), bildet gelbe, diamagnetische Kristalle, deren sonstige 
Figenschaften und Analysenergebnisse bereits mitgeteilt wurden." 
2:5-Dimethyl-3 :4-diphenyl-cyclopentadienon) Fe( CO), 


20-8 g 


des dimeren Cyclopentadienons,’’ 20 ml Fe(CO), und 200 ml Benzol 


190°C erhitzt. 
Dabei entstand ein Kohlenox:'d-Druck von etwa 20 at und es kristallisierten l6o-4 2 


wurden in einem Rihrautoklaven (Volumen 0-5 1.) 20 Stunden auf ca 


der Eisentricarbonyl-Verbindung in Form hellgelber Nadeln aus; die Lésung enthielt 
weitere 8-5 ¢. Rohausbeute 24-9 g (79 


,). Zur Reinigung wurde aus Benzol-Petrolither 
umkKristallisiert 


Die Verbindung sublimiert im Vakuum bei ca. 135 ¢ 
Fiir C,,H,,O,Fe (Mol.-Gew. 400-20) wurde 


H(°) 
berechnet 66-03 4-3 


gefunden 65-75 4-07 
vclon\Fe(CO). 
Phencyclon’*’ und Fe,(CO), (Molverh. |: 2) in 100 ml! Benzol 
Durch ¢ hromatographie der 
)(Phencyclon)Fe(CO)., isoliert werden 
wurde aus Benzol-Petrolither umkristallisiert 


Fiir C,,H,,O,Fe (Mol.-Gew. 422-35) wurde 


wurden innerhalb einer Stunde bis zum Sieden erhitzt 
Lésung konnten 0-86 g (82° Die Verbindung 


} Fe( ) 
berechnet 10-69 
getunden 3-46 10-64 


j 


0-42 g des Cyclopentadienons'" und 0-9 g Fe,(CO), (Molverh. | : 3) wurden in 
)m! Benzol langsam auf 75 C erhitzt und die filtrierte Lésung chromatographiert 
) diamagnetische, gelbe Nadeln von (¢ »H,,O,CI,Fe (Mol.- 


wurde 


H(°.) 
berechnet 2-44 

gefunden S&-04 59 21-55 
[2 Diphe / 3 4-di-( p-( hlorphe wi lopentadienon| Fe (¢ 


3-17 g des Cyclopentadienons’") und ein Oberschuss an Fe(CO), (4 ml) wurden 


mit 20 ml Petrolather (K.P. 80-100°C) im Einschmelzrohr etwa 15 Stunden auf 
130-140°C erhitzt. Die chromatographische Aufarbeitung der Lésung ergab ca 
) des hellgelben Eisentricarbonyl-Komplexes 


Gray, J. Chem. S 95, 2134 (1909); C. F. H. ALLEN u. J. VAN ALLAN. J. Amer. Chen 
Chem. 143, 189 (1935) 
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Fiir C,.H,,O,CI,Fe (Mol.-Gew. 393-25) wurde 


H(°.) Fe(°.) 
berechnet 64-79 3-06 11-95 9-42 
gefunden 65-04 312 12-5 9-34 


6. Substitutionsreaktionen des ( Tetracyclon)Fe( CO). 

(a) Mit Triphenylphosphin. 1-05 g (Tetracyclon)Fe(CO), und 1-05 g Triphenyl- 
phosphin (Molverh. | : 2) wurden mit 15 ml Benzol im Einschmelzrohr etwa 16 
Stunden auf 120-140°C erhitzt. Durch Chromatographie der gelben Lésung konnte 
| g (66°.) (Tetracyclon)k e(CO),P(C,H.), erhalten werden Hellgelbe Kristalle. die 
sich bei langerem Stehen im Licht braun firben. Beim Erhitzen wird die Verbindung 
ab ca. 170°C dunkel und zersetzt sich volistandig bei ca. 230°¢ 

Fiir C,,H,,O,PFe (Mol.-Gew. 758-60) wurde 


cr) H(%) Fe( 
berechnet 77-57 4-65 4-08 7:36 
gefunden 77°56 4-79 3-87 7:24 


Das I.R.-Spektrum (KBr) zeigt zwei Banden fiir CO-Liganden (5-02 und $-16 w) 
und eine intensive Bande fiir die Ketogruppe des Tetracyclons (6-23 1) 

(b) Mit Triphenyiphosphit. 6 ¢ letracyclon)Fe(CO), und P(OK (Mol- 
verh. ca. | : 1) mit 10 ml Petrolither (80—100°C) ergaben bei 4-stiindigem Erhitzen 
im Einschmelzrohr auf 160°C hellgelbe Nadeln von (Tetracyclon)Fe(( O),.P(OC.H.).. 
die aus Benzol-Petrolither umkristallisiert wurden. Aushe ite (60°). F.P 
216-217°C 

Fiir C,,H,,O,PFe (Mol.-Gew. 806-65) wurde 


berechnet 72-94 4-38 -R4 6-95 
gefunden 72-92 4-37 9.9 6-9] 


I.R. (KBr): Banden fiir CO-] iganden bei 4-98 und 5-10 u 


| Tetracyclon- p-dimethylamino-anil)] Fe(Ct 
3g des Anils,“ liberschiissiges Fe(CO), (5 ml) und etwa 30 ml Xvylol wurden im 
Einschmelzrohr 16 Stunden auf 170-180°C erhitzt. Nach Chromatographie der 
Lésung konnten 2-54 g (66".) des I isentricarbonylkomp exes in Form hellgelber 
Prismen isoliert werden. Zers. bei 233-235°¢ 

Fiir C,,H,,0,N,Fe (Mol.-Gew. 642-55) wurde 


berechnet 74-77 4-70 7-47 Q.7 
gefunden 74-87 4-67 7-62 4-4? 8.27) 


Im I.R.-Spektrum (KBr) findet man scharfe Banden fiir dic Absorption metall- 
gebundener CO-I iganden bei 5-00 und 5-14 uw 


8. [(Tetracyclon)\Co( CO),),H¢g 
2:30 ¢ Tetracyclon und 1-63 ¢ [(Co(CO),],Hg?” (Molverh. 2: 1) mit ca. 20 mi 
Petrolither (60-80°C) reagierten nach 10-stiindigem Erhitzen im Bombenrohr bei 


ZiEGLER u. B. SCHNELL. Liehie tnn. 448, 275 (1925) 
O. Fiscner u. BE. Bécws 7. at r. Chem. 269, 308 
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115 C unter nahezu quantitativer Bildung von [(Tetracyclon)Co(CO),},Hg (3-3-3-6 g) 
Zur Reinigung wurden die rotbraunen, feinen Kristalle unter Luftausschluss in 
kaltem Chloroform oder Benzol gelést. Aus der filtrierten, rubinroten Lésung 


kristallisierten nach Zugabe von Petrolather nahezu schwarze, dichroitische Nadeln 


oder stumpfe Prismen aus, die im durchfallenden Licht dunkelrot erscheinen. In 
trockenem Zustand ist die Verbindung luftstabil. Beim Erhitzen erfolgt bei etwa 
180-190'C Abspaltung von Tetracyclon, ohne dass die Substanz vorher schmilzt. 


Verwendet man bei der Darstellung Benzol als Lésungsmittel, so entsteht die Ver- 


bindung unmittelbar in grossen Kristallen. Dabei darf nur bis etwa 80°C erhitzt 


werden, da sonst teilweise Zersetzung unter Hg-Abscheidung eintritt. Diese Zerset- 
zung wird vollstandig bei 150°C. und es entsteht die unter 9. beschriebene Verbindung 
(Tetracyclon),Co, 

Fiir (Mol.-Gew. 1199-49) wurde 


berechnet 62-08 3-36 16°73 
gefunden 61-99 3-34 8-18 16°34 9-77 


9. (Tetra velon) ,¢ O» 


1-03 g Co,(CO),, 2-30 g Tetracyclon (Molverh. | : 2) in 20 ml Benzol ergaben bei 
[5-stiindigem Erhitzen auf 150°C im Bombenrohr 1-8 g (Tetracyclon),Co,. Die 


Verbindung fiel in Form schwerléslicher, dunkelbrauner bis schwarzvioletter Blittchen 


an und wurde zur Entfernung von organischen Verunreinigungen und metallischem 
Kobalt nacheinander mit Benzol, Aceton, Aceton — 20 Vol.-°, konz. HCI! und 
zuletzt mit remem Aceton gewaschen 

Fiir C,,,H,,O,Co, (Mol.-Gew. 1714-7) wurde 


H(°.) Co(°.) 
berechnet 81-25 4-70 3-73 10-3] 
gefunden 81-20 4:75 3-94 10-24 


Der Komplex zersetzt sich erst bei etwa 400°C und ist in allen organischen 


Lésungsmitteln nahezu unléslich. Die intensivste Bande im I.R -Spektrum (KBr) bei 


6°73 « wird der Absorption einer polarisierten CO-Gruppe zugeordnet. Im Bereich 


von 6-7 uw liegen ausserdem noch 4 schwiichere Banden (6-25: 6-35: 6-65: 6-95 it). 


die fur die C—C-Valenzschwingungen der Phenylgruppen charakteristisch sind 


(a) Abbau zu “(Tetracyclon),CoH™ (Abb. 2, Il). 1 g (Tetracyclon),Co, wurde in 


100 ml Chloroform suspendiert und bei 40°C trockenes HCI-Gas eingeleitet. Nach 


etwa 2 Stunden war cine orangerote Lésung entstanden, die von 90 mg gebildetem 


CoCl, (ca. 1/3 des Gesamt-Co) abfiltriert wurde. Aus dem eingeengten Filtrat fielen 


nach Zusatz von Petroliather 0-98 g “(Tetracyclon),CoH” in roten Kristallen aus, die 


sich massig in heissem Benzol, Chloroform oder Methylenchlorid lésen und in 
Petrolather oder Alkohol nahezu unléslich sind. Zers. bei 295—300°( 
Fiir C..H,,O.Co (Mol.-Gew. 828-85) wurde 


berechnet 84-04 4-99 3-87 
gefunden 84-10 3-96 70) 


j 
a 
q 
q 


Organometallic complexes—\ 


Im I.R.-Spektrum (KBr) findet man im Bereich von 5-8 » keine fiir die CO- 
Valenzschwingung charakteristische Absorptionsbande, sondern lediglich die Banden 


der ¢ C-Valenzschwingungen (vgl. 9) (6-25; 6:34: 6-66: 6-92 4) und eine sehr 
breite Bande mittlerer Intensitit bei ca. 7-1 uw. die der O H-Deformations-Schwin- 
gung zugeordnet wird. 


Umbkristallisieren des roten “(Tetracyclon),CoH” aus fetrahydrofuran 


entstand bisweilen auch eine dunkelbraun bis violett gefiirbte Modifikation. Durch 


Debye-Scherrer-Aufnahmen wurde gezeigt, dass es sich um zwei verschiedene 


Kristallformen handelt; beide Substanzen ergeben identische [.R.-Spektren und 


zersetzen sich bei derselben Temperatur 
(b) Acetyiderivat. 1-5 g **(Tetracyclon),CoH” wurden in 45 ml Pyridin und 20 ml 


Fssigsiureanhydrid etwa 3 Stunden auf dem W asserbad erhitzt, wobei schon nach 
kurzer Zeit Braunfiirbung eintrat. Die Lésung wurde im Vakuum eingeengt, nach 
Zugabe von Petroliither fielen 1-3 g (82°,) dunkelbraune Kristalle aus, die zuerst aus 


Chloroform und Petroliither, dann aus Benzol und Petrolither umkristallisiert 
wurden. Zers. bei 310-311 
Fiir (Mol.-Gew. 870-94) wurde 


H(°.) 
berechnet §2-74 4-98 5] 6-76 


gefunden 82-6] 5-17 5 6 


I.R.-Spektrum im Bereich 5-7 « (KBr): Bande bei 5-64 » (Acetylgruppe): 
die intensive Bande bei 6-27 « wird der CO-Valenzschwingung des unsubstituierten 


letracyclon-l iganden zugeordnet. C—C-Valenzschwineungen bei 6-33 (Schulter) 


6°66 und 6-9) w. 
(c) Methylderivat. tn 500 m1 Chloroform wurden “( Tetracyclon),CoH”™ 


gelést und mit einer Lésung von Diazomethan in Ather versetzt. | nter N,-Ent- 


wicklung firbte sich die I sung dunkel. Nach etwa halbstiindigem Stehen » urde das 


iberschiissige Diazomethan mit dem grossten Teil der Lésungsmittel abdestilliert 


und durch etwa 200 ml Petroliither ersetzt. worauf 2-8 g (91°.) der Methoxyverbin- 


dung in schwarzen Kristallen ausfielen, die zur Reinigune aus ( HCl.-Petrolither 


umkristallisiert wurden. Die Verbindung zersetzt sich bei ca. 343-345°C und ist besset 


lOslich als das \usgangsprodukt 
Fiir C;,H,,O.Co (Mol.-Gew. 842-93) wurde 


Ci 
berechnet 84-07 5-14 6-99 
84-0? 5-09 


gefunden 


1.R.-Spektrum im Bereich 5-7 u (KBr): intensive Bande bei 6-29 uw (unsub- 


> 


stituierter Tetracyclon-Ligand), C-—-C-Valenzschwingungen bei 6-25 (Schulter). 6 
(Schulter), 6-66 und 6-91 uw. Ferner schwache Bande bei 6-89 » 

(d) Alkalisalze von *( Tetrac velon),CoH.” 20 ¢ rotes letracyclon),CoH”™ in 
100 ml abs. Benzol wurden mit liberschiissigem Na-Alkoholat (70 mg Na und 75 ml 
abs. Athanol) 2 Stunden geruhrt. Die Lésung firbte sich dunkelrot: nach | inenge 
im Vakuum und Zugabe von 100 ml abs. Athanol fiel die rotbr: iune Na-Verbind: ung 


aus. Sie wurde unter Luftausschluss abfiltriert, mit Athanol und Petroliither gewa- 
schen. Ausbeute 1-98 g. Zers. bei ca. 314°C 
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Entsprechend konnte das K-Salz aus | g rotem “* letracyclon),CoH™ in 400 ml 
CHCl, und C,H;OK in Athanol dargestellt werden. Zum Unterschied von der 
Na-Verbindung ist es in Athanol léslich. Bei Zugabe von wasserfreiem CoCl, in 
Alkohol entstand ein feinkristalliner, brauner Niederschlag, der abzentrifugiert, mit 
\lkohol-Essigsaure, Alkohol und schliesslich mit Chloroform gewaschen wurde. 


Das I.R.-Spektrum ist identisch mit dem von ( Tetracyclon),Co,. 


10. Tetraphenyl-hydroxy-cyck 


2-73 g Mn,(CO),,, 5:37 g Tetracyclon (Molverh. 1 : 2) und 20 ml abs. Benzol 


wurden im Einschmelzrohr 15 Stunden auf 150°C erhitzt. Es entstand eine dunkel- 
braune Lésung, die sich beim Schiitteln mit 3 ml H,O unter Abspaltung von Tetra- 
cyclon sofort violett fairbte. Ausgefallenes Manganhydroxyd wurde abfiltriert und 
das Filtrat eingedampft. Der Riickstand wurde mit etwa 50 ml Ather behandelt 
Die atherische Lésung enthilt 
carbonyl und Tetracyclon, die durch fraktionierte Kristallisation aus Benzol-Petrol- 
dither getrennt wurden. Ausbeute etwa (53°{). Die Komplexverbindung 
kristallisiert in hellgelben Nadeln, die bei ca. 180°C unter Abspaltung von Tetracyclon 
schmelzen 
Fir C,,H,,O,Mn (Mol.-Gew. 524-46) wurde 


H(°.) Mn(”. 
berechnet 4-04 10-48 
gefunden 5 4-05 10-54 


|.R.-Spektrum (KBr): Absorptionsbanden fiir metallgebundenes 
5-15; 5-24 uw. fiir OH: 2-85 wu (scharf) 
Vethyiderivat. 3¢ letraphenyl-l wur- 
in 200 ml Ather gelést und mit einem Uberschuss an Diazomethan in Ather 
versetzt. Nach mehrstiindigem Stehen waren 2-72 2 (88°/) letraphenyl-methoxy- 
cyclopentadienyl-mangantricarbony] n Form hellgelber Nadeln auskristallisiert 
Sie schmelzen scharf bei 239°C und kénnen im Vakuum sublimiert werden 
Fiir C,.H,,0,Mn (Mol.-Gew. 538-48) wurde 


Hi 
berechnet 4-3] 10-2] 
gefunden 4-19 10-44 


I.R -Spektrum (KBr): A bsorptionsbanden fur CO-Liganden bei 4 97. 5-14 und 


5-2? 


il 


ll. (Tetracyclon),Mo(¢ O), 


1.29 
4 


g Mo(CO),. 1-92 g Tetracyclon (Molverh. | : 1) und 15 ml Benzol wurden im 
Bombenrohr drei Tage auf 160-165°C erhitzt. Aus der filtrierten Lésung konnte 
durch Chromatographie wenig (Tetracyclon),Mo(CO), isoliert werden, das aus 


Benzol-Petrolather in gelben Prismen kristallisiert (Zers. 205—210°C) Die Komplex- 


verbindung lést sich gut in Benzol und Chloroform, weniger in Ather. Aceton. 


fetrachlorkohlenstoff und ist in Petrolither nahezu unléslich 


$4 EO 

4 
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Organometallic complexes —\ 
Fir (Mol.-Gew. 920-93) wurde 


H(°%) 
berechnet &-25 4-38 
gefunden 78-48 4-47 


I.R.-Spektrum (CHCI,) Absorptionsbanden fiir CO-Liganden bei 4-96 
510 mw, fir Ketogruppen bei 6-05 und 6-10 « (Schulter) 


und 


12. (Tetraphenyl-thiophendioxyd)Fe( CO), 


4g Tetraphenyl-thiophendioxyd’) und iiberschiissiges Fe(CO). (7 ml) und 20 ml 
abs. Benzol ergaben nach 15-stiindigem Erhitzen auf 170°¢ im Bombenrohr 3-5 ¢ 
(66",) (Tetraphenyl-thiophendioxyd)Fe(CO),. das chromatographisch abg 
wurde. Bei der Reaktion entstanden auch 0-33 ¢ (9°.) Tet 


ctrennt 
phenyl-thiophen. Die 
Komplexverbindung kristallisiert aus Chloroform-Athano in hellgelben Nadeln 
oder viereckigen Blittchen, die sich bei 232°C unter Absche dung von Tetraphenyl- 
thiophendioxyd zersetzen. Sie ist leicht léslich in Chloroform oder heissem Benzol 
wenig dagegen in Petroliither 


Fir C,,H,,O.SFe (Mol.-Gew. 560-42) wurde 


C(°%) ) 
berechnet 66-44 3-59 14-27 
gefunden 66°47 3-46 13-6 


1.R.-Spektrum (KBr) Absorptionsbanden fiir CO-Liganden bei 4-81. 4-93 und 
4-9R% 


13. (3:4-Dimethyl-thiophendioxvd) Fel CO) 

Die Darstellung und Reinigung erfolgte Ahnlich wie be 2. aus 3:4-Dimethvl- 
thiophendioxyd®* und Fe(CO),. bei 140° Dimethyl-th 
bonyl bildet hellgelbe, luftstabile Kristalle. die sich b 

Fiir C,H.O.SFe wurde 


ndioxyd-eisentricar- 


Ca. Zersetzen 


berechnet 
gefunden 295: 


1.R.-Spektrum (KBr): \bsorptionsbanden fur CO-Lig 
4-99 


Diese Untersuchungen wurden im Rahmen eines Forsc! ingsprogramms 


daUs- 


gefuhrt. das durch die Union Carbide Corporation, New York, 
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INTERHALOID COMPLEXES IN AQUEOUS SOLUTION 


E. PUNGorR, K. BURGER and E. SCHULEK 


Institute of Inorganic and Analytical Chemistry, L. Eétvés University. Budapest 


(Received 14 July 1958: in revised form 14 Oc tober 1958) 


Abstract—The examination of a solution of bromine chloride in hydrochloric acid by ultra-violet 


absorption and redox potential measurements has demonstrated the existence in these solutions of a 


complex ion of formula BrCl,°~, with a stability constant of (2-6 1-0) 10°. The formulae of the 


similar complex ions formed from iodine chloride and bromide were shown to be IC l,°~ and IBr, 


with stability constants (4:3 2:2) 10° and (5-0 1-0) 10°. The experimental procedure was 
I 


shown to be correct by an investigation of the | complex 


IT is known" 


*) that, of the interhaloid compounds, iodine monochloride and iodine 
monobromide can form interhaloid complex anions in aqueous solution. ICI, 


and IBr,~ have been suggested as the formulae of these complexes, the central 


unipositive iodine having two chloride or bromide ions as ligands, chlorine and 


bromine having higher electron affinities than iodine. By studying partition equilibria 


in water-chloroform, FAULL" has found dissociation constants of 6 10-* and 
2-7 » 10°* respectively for ICl,~ and IBr,~. No reference has been found in the 
literature to the formation of a similar complex anion from BrCl. 


Solutions of bromine chloride. when stored. gradually become more dilute because 


of the halogen volatility. But during an investigation of bromination of aromatic 


compounds by bromine chloride it was found that the fall in concentration of a 


0-1 N solution did not exceed 3—5 per cent in 2 


comparative stability of such solutions was due to the formation of a complex chloride 


3 months. It was suggested that the 


of bromine chloride. 


In the present work, we have investigated the constitution and stability constant 


presumed complex ion, and of the chloride complex of iodine chloride, and 


the bromide complex of iodine bromide, discussed above. 


Ultra-violet absorption measurements were made using a Beckman D.U. quartz 


spectrophotometer, with a hydrogen lamp and I cm quartz cells. Redox potentials 


were measured with an electronic pH meter Radiometer 22, using 20 » 25 mm 


smooth platinum and saturated calomel electrodes. 


RESULTS 


|. The ultra-violet absorption spectra of “neutral” solutions of bromine chloride 


containing no acid are characterized by extremely flat maxima. When sulphuric acid 


is added to the solutions, a more distinct, though still flat. maximum appears 


However, in the presence of chloride ions, a characteristic sharp maximum is obtained 
at 343 mu (Fig.1). 


The extinction coefficient at maximum absorption in the presence of sulphuric acid 


JH. J. Am Che) 56, 522 (1934) 


G2 1 S. W. Grass and R. M. Fuoss, J. Amer. Chem. Soc. 47, 2892 (1925) 


1} CGER, 7 ta 1, 219 (1958) 
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was found to be independent of the concentration of sulphuric acid (Fig. 2), but in 
chloride solutions, it increases with the concentration of chloride ion (f ig. 3). 

2. The redox potentials of bromine chloride solutions decreased as the concen- 
tration of chloride ion was increased. Increase in dhe halide concentration also 
decreased the redox potentials of solutions of iodine chloride in hydrochloric acid and 


iodine bromide in bromide ion. 
IgE 
412 


44 


T 


300 35( 400 mw 


Itra-violet idsorption curves of solutions of bro chloride 
1. 0-005 M solution of BrCl in 1-5 N H¢ 
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THEORETICAL INTERPRETATION 


[he above results confirm the formation of a complex BrCl’ from BrCl and 
chloride ion 


From the variation of the redox potential of iodine chloride and bromide solutions 


with the corresponding halide ion concentration, we have attempted to calculate the 


Stability constants and co-ordination numbers of these complexes, the published 


values of which were calculated from partition equilibria in water-chloroform, where 


hydration may interfere to a considerable extent. The redox potential of an inter- 


haloid XY is governed by the concentration [XY] of the actual interhaloid present, 


according to the equation 


0-058 
E E, — log ({XY]/[X-] [Y-]) (1) 


and we have assumed in our calculation that the anion complex XY\"’ affects 
the redox potential only indirectly by changing [XY] 


Owing to the limited number of measurements possible, we have not been able to 


elucidate individual stability constants, but only the overall constant. That. is. the 
A we have calculated is the product of the individual constants for the consecutive 
dissociations. When the necess: ry substitutions have been made, we find 
0-058 0-O58 


where brackets represent activities (the activity coefficients being calculated from the 


Debye-Hiickel equation), n is the co-ordination number and [XYior] the total X¥ 


it work, the stoicheiometric interhaloid. containing no halide 


0-058 
— log in 


ions of the more positive element, were used. the term F 


+ 


lation (2) remains constant, and may be denoted by K. We may therefore substitute 


e measured e.m.f.’s into 


0-058 


— log + KTY-]")} (3) 


d solve these equations for n, the co-ordination number, and K the stability constant 


of the complex in question. These values were then used to give calculated e.m_f. 
values to compare with the measured values—see Tables 1-23. The good agreement 
betwee! ese values confirms the a sumption that the redox potentials are determined 
by the concentration of free interhaloid present at equilibrium. 

Our resu ndicate the following formulae, co-ordination numbers and Stability 
constants tor the complexes investigated 


Complex BrCl in Cl IC] in Cl IBr in Br 
formula BrCl,”.or BrCl(HC1), iCl,®. or ICMHCI. | ot iBr (HBr), 


4 


Published 


value for A 


58 
a 
11 
1959 
6 a) | 
i (2-6 | -()) 10- (4-3 9-3) 102 (5-0 1-0) 103 
+7 x 10? 
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EFrFecr of CONCENTRATION OF HYDROCHLORK ACID ON THE REDOX 


Tassie | 
POTENTIAL OF A SOLI 


TION OF BROMINE CHLORIDE IN HYDROCHLORIC AC ID 


Redox potentials 


HC] 
(mole) (mole) measured calculated 
(mV) (mV) 


1323 1317 


1290 1300 


A 


~ 


0-005 


Tante EFFECT OF CONCENTRATION OF HYDROCHLORI HF REDO. 


POTENTIAL OF A SOLUTION OF IODINE CHLORIDE IN HYDR« H Ric ACTI 


Redox pote 


(mole) 
1060 
1040 
1000 
1080 
1050 


1018 


Qx4 


q $9 
0: 
0 1268 1263 
$3 5 1237 1239 
0 1230 219 
ia 5 1209 1206 
0 1195 119] 
40 1170 176 
0 1156 $4 
Be 0-6 1356 136] 
Io 1336 332 
0-05 1-5 1309 1 
20 1283 288 
2-5 1267 >7¢ 
+0 1253 260 
IC} 
ed ted 
O64 
O44 
005 
I44 
31 
OR4 
0-02 1-0 024 
5 
20 77 
2-§ 970 
+0 956 53 
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TABLE 3.—EFFECT OF CONCENTRATION OF BROMIDE IONS ON THE REDOX POTENTIAL 


OF A SOLUTION OF IODINE BROMIDE CONTAINING BROMIDE IONS 


Redox potentials 


[Br Br 
(mole) (mole) measured calculated 


(mV) (mV) 


TABLE 4 EFFECT OF CONCENTRATION OF IODIDE IONS ON THE REDOX POTENTIAI 


OF A SOLUTION OF IODINE CONTAINING IODIDE IONS 


Redox potentials 


: measured calculated 
(moe) 


(mV) (mV) 


4 ‘ 
7 
4 — . = 
0-5 860 857 
1-0 830 827 
1-5 815 810 
0-01 20 805 796 
792? 
3-0 781 720 
4 0-2 925 9?] 
0-5 R80 RR] 
0-02 1-0 850 852 
1-5 832 834 
20 823 820 
; 2°5 809 811 
: 30 801 804 
Vol, 
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0-5 490 479 
Io 468 465 
0-01 1-5 459 456 
2-0 447 449 
2° 440 444 
0-5 $03 497 
1-0 481 482 
0-02 1-5 469 473 
2-0 460 466 
2:5 456 462 
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Since our calculations for both iodine chloride and bromide gave values of K and 
n differing from those given in the literature, it seemed necess: iry to verify the validity 
of our experimental method. Investigation of the tri-iodide complex seemed suitable 
for this purpose, the co-ordination number and sti ibility constant having been calcu- 
lated in a perfectly reliable manner.“ 


From redox potential measurements, followed by the use of equation (3), th 


parameters were calculated for the tri-iodide complex: the co-ordination number was 
found to be two, and the Stability constant (3-2 1-3) 10°, (Table 4) in fair 
agreement with the published figure of 7 » 10%. The correctness of the assumption 
involved in our method is thus demonstrated. 


NES and B. B. Kaptan, J. Amer. Chem. Soc. 50, 1845 (1928) 
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THE KINETICS OF OXIDATION OF ARSENIOUS ACID 
BY PERSULPHATE® 


Y. K. Gupta and S. Guosu 


Chemical Laboratories, University of Allahabad, 


Allahabad 


(Received 20 October 1958: in revised form 6 January 1959) 


Abstract—The oxidation of arsenious acid by persulphate has been kinetically followed by es imating 


the acid with the permanganate at 45 C, being slow at ordinary temperatures. The results are 
reproducible only with the same Stock solution The oxidation is first order in persulphate and 
incgependent of the concentration of the arsenious cid. Sodium and potassium ions greatly inhibit 
the reaction. Entropy of activation has been calculated and a mechanism has been suggested 
Copper and silver have pronounced catalytic effect on this oxidation 


OXIDATION-reduction reactions involving persulphate ions, both catalysed and 


uncatalysed, have been studied by many workers in the past. Three types of silver 


catalysed oxidations have been reported. The oxidation of manganous.2 vanadyl, 


chromium and cerous™’ ions and of acetone™’ is reported to be slow. Oxidation 


of ammonia‘) and of ammonium"? jon js moderately fast and that of oxalate is 


about 400-4000 times faster than the others. The authors have already studied the 


silver-catalysed oxidation of manganous'!®-!! and of oxalate" ions and a possible 


mechanism has been given. Most of the uncatalvsed reactions of persulphate are slow 
at room temperature. ALLEN‘? has studied the oxidation of oxalate at 69-7 C, and 


SRIVASTAVA and GHOSH''’ the oxidation of oxalic acid at 45° : the latter investigators 
Studied the oxidation of formate" jon also Oxidation of thiosulphate was studied 


by KING and STEINBACH." \ few organic compounds''’-'*) have also been oxidized 


by the persulphate. The oxidation of inorganic ions | as been reported to be irregular 


and the results are not reproducible. In general, however, all these oxidations are 


in persulphate and almost independent of the concentration of the reducing 


In the present investigation. the kinetics of the oxidation of arsenious acid has 


been followed by estimating the concentration of reductant at different intervals by 


Y. K. Gupta and S. Guosn. P Ind. Chem. § Sec. 4. Abs No. 10 (1958) 
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The kinetics of oxidation of arsenious acid by persulphate ( 


means OF potassium permanganate. The reaction was studied at 45°C. being slow at 


room temperature 


The oxidation of arsenious acid is very susceptible to variation in impurities in the 


arsenite solution. Non-reproducible results were reported by Kinc'® and by ALLEN“? 


in the oxidation of oxalate, while KInG and Stremeacn™® oby uined erratic results in 


the oxidation of thiosulphate ion due to impurities in the distilled water. We found 


that different arsenite solutions gave different results; however. if the same stock 


solution of arsenious acid, Jena glass vessels and water redist led froma quartz vessel 


are used, the results are fairly reproducible 


EXPERIMENTAI 


All cl emicals were of B D H \ ra quality or I Merck 4s R qua ad the vessels for storing 
redistilled tc preparing solutions, the pipeties, and the reaction v« c el! vere of Jer glass 
The reactio esse vas coated outside with black paint tO exciude ar chemical effec 

Stock § tions of 0.20 N arsemous acid were p epared by diss 4 reguisite mount of 


wre than 0-20 N acid. in | ’ wate After cooling it 


of h ire lo 


KMno 


TS AND DISCUSSION 


RESUI 


Table | gives some of the results using different samples of a senious acid solution 


The variation in the rate is very marked. As manv as forty experiments were done to 


| K.S.O, N: N 


Different solutions of rsen 


4 
. vas filtered ar standardized against i standard pe inganate solutK Pe suiphate solution was 
j always freshly prepared by direct weighing and its concentration checked by the arsenite method.'"" 
The c ed volume of persuliphate soluuIONn In a eaction vesse Maced in ermostat at 
; 4S ¢ emous acid solution was Aecpt sepa ately im the same the ‘ The calc tex olume 
3 of irsenious cid W sthent insite ed tk the reaction vessel by mcans wpctte and MAKCN GQUICKIV 
f Afte utable intervals of time, 5 ml of the reaction mixture were pipe I O a Deaker ¢ uning 
+ 2 ml of pure. concentrated hvdrochlo c acid and 10-15 ml of distilled C (ne yp of 0-0025 M 
KIO is ec and the contents of the beake vere titrated against 0-01 Min sium perman nate 7 
trot i microt cette Pe sulphate did not interfere with he tit reaction is completely 
11 checked by the inhibiting chloride ions A preliminary study indicated e reaction ts completely 
|| checked 10) chloric acid. Throughout this investig f the reaction mixture 
trated against (iS, and the temperature of the reacti: 45°C unless otherwise 
ed 
F 
q 
ac 
Time 
(mun) 
0 4-90 4:90 4-80 5-00 x) 
5 4-90 4-40 4-44 4-58 4-78 1-65 4-64 
3.7% 3.28 2.93 4-18 4-6) 1w 
3-36 +20 4-18 ( 
w 1-46 >-04 9.77 3-24 >-74 
4) 1-10 1-40 3-44 >.9 1-90 
0-9) 
70 0-33 >.>) 
SO 1-65 
* Y. K. Gupta and S. Guos ty Chim. Acta 17, 379 (1987) 
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discover the cause of this trouble, but it was difficult to draw any convincing 
conclusion. Arsenious acid may be present as H, A\sO,, H,AsO,, HAsO,?>, or 
we believe that one or more of these forms are easily oxidized while others are not. 
and that different preparations of arsenious acid give different proportions of these 
and hence different rates of reaction. 

It was therefore necessary to use the same sample of arsenious acid to compare 
results of different experiments. Table 2 gives the results of one representative experi- 
ment where the first order constants have been calculated from the relation, 

K = (2-303/t) log [a/(a— x)], a— x being the concentrations of persulphate 
initially and after time rf. 


TABLE 2.—K,S,O, = 0-04 N: H.AsO 0-01 N 


Time KMnoO, K.S.O, A 10! 
(min) (ml) (N) (min-') 


0-0400 
0-0390 
0-0383 
0-0379 
0-0373 
0-0368 
0-0364 
0-0359 Vol. 
11 
1959 


0-0339 


0-033) 
0-032] 


lable 3 shows the average values of the constants using different concentrations of 
persulphate and arsenious acid 


he constants decrease with the increase in the concentration of the persulphate, 


TABLE 3 


H. AsO 
(N) 


3 0 5-00 

10 4-49 

15 4-16 

3 94 

25 3-66 

4 30 3-42 

~ 35 3-18 

a 40 
45 2-67 

2-46 

4 60 1-96 

80 1-06 27-44 
4 

Average 27-33 

q 

(min ) 
0-0] 0-0! 40-46 

0-02 0-0] 39.99 
0-04 0-01 | 
0-O8 0-01 19-89 
q 0-16 0-0] 12-55 
0-O8 0-02 20-88 
0-08 0-04 21-51 

q 0-04 0-04 27-73 
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probably due to the inhibition by potassium ions, which seems to be a characteristic 
of most persulphate reactions, e.g. SRIVASTAVA and GuosH have reported it in 
the oxidation of formate ion?” and of oxalic acid,") and in 
the decomposition of the persulphate, and the present authors in the oxidation of 
oxalate."*’ Table 4 gives the results in presence of the sulphates of potassium, 
sodium and magnesium ions. The reaction is significantly slowed down in the 
presence of K,SO, or of Na,SO,, but sulphate ions do not seem to exert any specific 
influence. In any particular reaction, sulphate ion is gradually produced from 


Taste 4.—-K,S,0, 0-08 N; H,AsO 0-01 N 


Concentration A 10 
(M) (min~') 


Electrolyte 


K.SO, 0-05 12-70 
K.SO, 0-10 10-02 
Na,SO, 


persulphate but no increase or decrease in the constants as observed as the reaction 
progressed (cf. Table 2). Hence. the slower rate of reaction in presence ol K SC , or 
Na,SO, seems to be due to the inhibition by potassium or sodium ions. The reaction 
is faster in presence of magnesium sulphate, probably due to acceleration by magne- 
sium ions. The presence of specific ionic effects does not allow conclusions to be 
drawn regarding salt effects 

Ihe rate constants increase slightly with increasing concentration of arsenious 
acid, but this does not imply that the rate is dependent on the concentration of 
arsenious acid. At lower concentrations of persulphate, a twofold increase in the 
concentration of persulphate, even in spite of the inhibiting action of potassium ions, 
almost doubles the reaction speed (0-01 N and 0-02 N concentrations of persulphate 
of Table 3). On the other hand a fourfold increase in the concentration of arsenious 
acid produces no marked increase in the rate of reaction. At higher concentrations 
of persulphate, the rate is not doubled, and is increased less than one and a half times 
due to the inhibition by potassium ions. The independence of reaction rate on arsenite 
concentration becomes more clear when the actual amounts of arsenious acid oxidized 
at different intervals of time are compared. Table 5 shows these amounts. in terms of 
0-01 N KMnO,, to be reasonably constant at different intervals 


Calculation of E, A and As 

In order to calculate the frequency factor and the entropy of activation the energy 
of activation was calculated from measurements at 30. 35, 40 and 45°C. A different 
sample of arsenious acid was used for this iny estigation, as will be evident from the 
S. P. Srivastava and S. Guosn. 7. PA Chem. 207, 161 (1957) 


*1) S. P. Srivastava and S. Guosu. Z. Phys. Chem 205, 332 (1956) 
A. KAILAN and L. O_pricn. Monatsh 47, 449 (1927) 


4 
2 
4 
i — 
Na,SO, 0-10 11-15 
MgSO, 0-05 21-15 
3 MgSO, 0-10 27-65 
ol, 
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TABLE §. 


MILLILITRES OF 0-01 N KMNo,; 
K,S,O, = 0-08 N 


Time (min) 


3-90 4-76 
0-02 2-08 2-62 4-20 4:56 
4.12 4-76 


value of the first-order constant at 45°C, which is higher than the one previously 

obtained (Table 3). The constants at different temperatures are shown in Table 6. 
The mean energy of activation for the range 30-45°C was found to be 20-78 kcal 

mole’. The average frequency factor and the entropy of activation were 9-34 » 10° 


TABLE 6. 


K.S,O, = 0-08 N; H,AsO, = 0-01 N 


Temperature 
(C) (min~') 


5-08 
35 8-80 
40 16°48 
25-48 


sec™* and —13-81 e.u. It may be pointed out that these values are only qualitative 
in nature in view of the reaction being so Susceptible to impurities; nevertheless, 
their order of magnitude helps to evaluate the mechanism of the reaction. 

The catalytic effects of copper and of silver ions (Tables 7 and 8) are very pro- 
nounced, the former being a better catalyst than the latter. The catalytic effect of 


TABLE 7.—K,S,O, = 0-01 N: H,AsO, = 0-01 N; CuSO, = 0-0002 M 


Time KMnO, 10* 
(min) (ml) (min~') 


5-00 


2 3-76 1426 
4 2-54 1693 
6 1-72 1778 
8 1:20 1783 


0-96 
0-68 
14 0-54 1590 
0-42 


66 
4 H,AsO, 
4 (N) 
a 25 35 50 60 
$$$ 
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silver ion is greater in the present investigation than in many other persulphate 
oxidation reactions and is comparable to the fast oxidation of oxalate.(2) 

Results for potassium halides in Table 9 show by comparison with Tables 3 and 4 
that halide ions greatly inhibit the reaction. 

The reaction is complicated in the presence of KI by the liberation of iodine by 
direct reaction with persulphate. 


Taste 8.—K,S,O, = 0-01 N; H,AsO, = 0-01 N; AgNO, = 0-0002 M 


Time KMnoO, 
(min) (ml) (min~') 


5-00 


5 4-20 167 
10 3-68 142 
15 3-02 147 
20 2-60 137 
25 2-04 140 
30 1-48 145 
35 1-04 146 


152 


0-45 


Average 147 


The reaction is quite complex for a detailed discussion of the mechanism, but we 
have considered the various possibilities of reaction steps and have attempted to arrive 
at a mechanism which is best explained by our experimental data. The uncatalysed 
reaction is first order in persulphate and independent of the concentration of arsenious 
acid. The rate determining step, therefore, involves persulphate and not arsenious 
acid. A comparison of the frequency factor and the entropy of activation with the 


TABLE 9.—K,S,O, = 0-08 N; H,AsO, = 0-01 N 


Concentration A 10° 
(M) (min-') 


Halide 


0-10 5-21 
KCI 0-01 10-03 


KBr 0-10 very slow 
KBr 0-01 7-95 
KBr 0-001 14-42 
Kl 0-01 very slow 


0-001 


normal values* for a unimolecular reaction, suggests'**) that the reaction may be 
between similarly-charged ions or between an ion and a neutral molecule. The 
possible reacting species in the slow step are S,O,2-, SO, , or SO,. If the reaction is 
between similarly-charged ions, it could be between S,0,? and S,0,?~ or $,0,2> and 


* Entropy of activation —4 e.u., calculated for a frequency factor of 10" 


(33 A. A. Frost ind R. G. Pearson, Ainetics and Mechanism Pp 132. John W ev, New York (1953) 


i 0 

40 = 

Kl 5-53 
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SO, . Either of these alternatives would make the order of the reaction with respect 
to persulphate ion greater than one, which is not supported by the experimental 
results. The other possibility of reaction between similarly charged ions would be 
according to the following mechanism: 


8,0. 2S0, rapid (a) 
SO, sO, —SO;? SO, slow (b) 


This mechanism maintains the unimolecularity of the reaction with respect to per- 
sulphate ion, but entropy considerations make it untenable. If we hold (a) to be the 


primary step of the mechanism, the entropy change for the slow step that follows, 
would be positive because the equilibrium constant for (a) is very small. A positive 
entropy change would suggest the reaction between oppositely charged ions, and hence 
the possibility of a slow reaction between similarly charged ions, is ruled out. The 
mechanism suggested by Srivastava and GuHosu for the oxidation of oxalic acid'*)) 
and of formate." viz. 

S,02 SO, + SO,? rapid (c) 

SO, + slow (d) 
may also be invalidated in the case of arsenious acid on the basis of the same argument. 
Hence the slow step is probably between an ion and a neutral molecule according to 
the following mechanism: 

S,0¢ 2H,O 2 HSO, 2 OH slow (1) 
H.AsO, 2 OH -+H,AsO, H,O fast (2) 

or alternatively 

$,0,* SO; SO, slow (3) 

HAsO, — SO, H,O —-H,AsO, HSO, H fast (4) 
Obviously both (1) and (3) are first order in persulphate, independent of the concentra- 
tion of arsenious acid, and both would be accompanied by a negative entropy change. 
In the sils er-catalysed oxidations of Mn(I1) and of oxalate. the primary step suggested 
by the authors is 

2 SO, (rapid). 
If this were the step in the present uncatalysed reaction, the rate would be independent 
of the concentration of persulphate; hence we believe that the slow step may be 


either (1) or (3). The mechanism Suggested is supported by the fact that halide ions 
can inhibit the reaction by destroying OH or SO, radicals,"*") e.g 


OH X--+OH- = x 
SO, + 2X- +SO,>- + x, X being the halide. 
X+X—x, 
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SOLVENT EXTRACTION WITH AMINES—1I 
THE SYSTEM Th-HNO,—TRIOCTYLAMINE 


D. J. and J. J. Lawrancet 


(Received 18 November 1958) 


Abstract—The extraction of nitric acid and of thorium from nitric acid solutions into tri-n-octylamine 
and tri-iso-octylamine are reported. The results confirm the existence of an anionic thorium complex 
Th(NO,),?> and a mechanism is suggested for the extraction of this complex 


OF the present methods available for the isolation and purification of nuclear materials. 
only solvent extraction and 1lon-exchange processes are capable of accomplishing the 
high decontamination factors necessary to produce material of the purity required. 
The selectivity of ion-exchange materials, especially anion-exchange resins, make them 
preferable in many instances, e.g. in the production of uranium concentrates and in 
final stages of Pu and 2*°U isolation processes. However, their physical form puts 


difficulties in the way of their use in continuous operations and their instability 
towards irradiation makes solvent extraction with such solvents as TBP more attrac- 
tive In an active plant. 

Recently, amines combining the chemical virtues of anion-exchange resins and 
the physical virtues of solvents have become available. 1 hey have a further advantage 
in that their decomposition products are unlikely to effect decontamination factors 
to the same extent as DBP, the decomposition product of TBP. Interest in amines is 
reflected in current studies on sulphate leach liquors and the recovery of uranium 
from ores.’ Recent work has been extended to study the extraction of uranium and 
plutonium as anions from hydrochloric acid solutions'?) and of neptunium and 
plutonium as anions from nitric acid solutions.-4 Anionic properties of thorium 
in nitric acid have been reported’-*) and this paper reports recent fundamental work 
on the extraction of thorium from nitric acid solutions with tri-n-octylamine (hereafter 
denoted as TNOA) and tri-iso-octylamine (hereafter denoted as TIOA). 


Anionic complexes of thorium 


q Thorium forms complexes of the form Thi NO,), viz. 

Th* naNO, = Th(NO,),"* 

2 The complexes ThNO,** and Th(NO,),?* have formation constants of 2-83 and 1-4] 
7 * Radiochemical Laboratory, The New South Wales lt niversity of Tec logy, P.O. Box 1, Kensington 
Sydney, N.S.W 

; 4.A.E.C. Research Establishment, Private Mail Bag, Sutherland, N.S.W 

; Reactor Fuel Processing, 1 (2). 7 (1958) 

: F. L. Moore, CF-57-6-61 (1957) 

J. C. Suepparp, HW-51958 (1957) 

< A. S. Witson. Pr cedings of the Second International Conference on P ceful Uses of Atomic Enere 


Geneva 1958, A/Conf. 15/P/544 

D. J. Carsweit, J. Inorg. Nucl. Chem. 3, 384 (1957) 

D. J. Carswett, 16th International Congress Pure and ipplied Chemistry, Section Chimie Minerale 
p. 337, Paris (1957) 
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respectively, at an ionic strength of 5-97."7) Fomin and MAtorova'®*! give log K, = 0-78, 
log K, = 0-33, log K, O-11, log Ky; 0-26 in 2M HCIO, at 20°, while Day 
and STOUGHTON? give log K, = 0-67 in 0-5 M HCIO, at 25°C. It has been further 
postulated” that the complex extracted by TBP is Th( NO;), and it has been suggested 
that the complex adsorbed on anion exchange resins is Th(NO,),?> © 

For the extraction of uranium from sulphate leaches using amines, BROWN et a/.!)) 
have suggested a possible mechanism similar to that for anion exchange resins. The 
analogy is developed by these authors to postulate exchange of ions with the solvent 
phase, viz. 


UO,** + xX- 
(x — 2)(R,NH)X == + (x — 2)X 


A decrease in uranium extraction accompanying an increase in sulphate concen- 
tration is attributed to either: 


(1) Competition by the sulphate for association with the amine. or 


(2) the formation of less readily extractable complexes. 


Nothing is stated regarding the nature of the bonding in the organic phase beyond 
the omission of and signs on the radicals involved. However, nitrogen with an 


electronic configuration of 1s*2s?2p3 can only be either tricovalent or quadricovalent 
unielectrovalent. Thus the possibility of covalent bonding in the compounds above 
must be ruled out. Alternatives remaining are electrostatic and/or hydrogen bonding, 
as in the case of amine hydroxides.” 


At first sight electrostatic bonding in an organic medium appears unlikely, but it is 
possible so long as we postulate the species in solution to be in the form of 10n-pairs. 
he electron donor properties of the nitrogen atom would be influenced by the 
inductive effects of the attached alkyl chains. The increased electron donor properties 
in the case of the tertiary amines studied would inhibit hydrogen bonding and favour 
electrostatic bonding. 


EXPERIMENTAL 


Materials 


lri-n-octylamine (TNOA) was obtained from the British Hydrological Cor poration, London, and 


tri-iso-octylamine (TIOA) containing a mixture of iso-octy! groups from Union Carbide and Chemicals 


Corporation, N.Y. Except for a pre-equilibration with nitric acid no further purification was carried 


out. An indication of the purity of the compounds was obtained from a comparison of theoretical 


and practical equivalent weights. These determinations showed T'NOA to be 98:5 and TIOA to be 
93-5 per cent of theoretical equivalent weight. The diluent, AR grade benzene. was chosen because 


of its non-polar properties. Thorium-230 was used to determine thorium partitions and prior to use 


was freed from daughters by anion exchange 


Determination of partition coefficients 


(a) Nitric acid partitions were carried out by equilibrating 6 ml of TIOA in benzene with an equal 
volume of nitric acid of known concentration. After phase separation 5 ml of the organic phase was 


removed, stirred vigorously with 5 ml of water, and the mixed phases titrated with standard sodium 
hydroxide solution using phenolphthalein as indicator 


E. L. Zeprosxi, H. W. Avter and F. K. Net MANN, J. Amer. Chem. Soc. 73, $646 (1951) 
V. V. Fomin and E. P. Matorova, Zh. Neore. Khim 1, 1703, 2749 (1956) 
R. A. Day, Jr. and R. W. StouGHTON. J. Amer. Chem Soc. 72, 5662 (1950) 


A. C. McKay, Prog. Nucl. Energy, Ser. 1; Process Chem. 1, 122 (1956) 
B. Brown, C. F. CoLteman, D. J. Crouse. J. O Denis and J. G. Moore, AECD—4142 (1954), 
L. Finar, Organic Chemistry Vol. 1, p. 267 Longmans, Green, London (1956) 
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concentrations of aqueous and organic phases were determined radiochemically 
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(b) Thorium partitions were performed in duplicate at tracer concentrations using Th 230. 


Immediately before use the amine solutions were pre-equilibrated with four times their volume of 
nitric acid of the normality to be used in the determination. All det erminations were made at room 
temperature with equal | ml! volumes of aqueous and organic phases. Stirring times were 2 min and 


RESULTS AND DISCUSSION 
(a) Nitric acid. In each case the concentration of acid in the organic phase ex- 
ceeded the concentration of the amine. as shown in I ig. | 
It will be noticed that the points lie on straight lines and that if extrapolated to 


Benzene 


. 4 


Nitric acid concentration remaining in the aqueous phase p } AGaINSt Nitric acid 
concentration in the organic phase for various concentrations of TIOA 


zero concentration of acid in the aqueous layer, they intersect the ordinate at points 
corresponding to the concentration of the amine used. This seems to indicate that the 
nitric acid combines with the amine stoicheiometrically and that additional nitric 
acid is taken into solution by the resultant compound. The str: uight lines and the fact 
that the slopes of the lines are in the same relative ratios as the amine concentrations 
which they represent, indicates that the concentration of nitric acid dissolved in the 
amine nitrate compound is a linear function of both nitric acid and amine—nitrate 
concentration. 

On this postulate, if equilibrium is established between aqueous and organic 
phases and the organic phase is separated and washed with dilute nitric acid (ca. 
0-1 M) before titration, only an amount of acid approximately equal to the initial 
amine concentration would remain. This was confirmed experimentally by equili- 
brating several batches of 0-2 M TIOA with 6M HNO, and subjecting the solvent 
phases to varying numbers of equal-volume washes with 0-1 M HNO, before titration 
with alkali. The results are summarized in Table | 

Furthermore one would expect that if a 0-2 M amine solution was equilibrated 
with a large volume of 0-1 M HNO,, the uptake of acid in the organic phase would 
exceed 0-1 M. In an experiment, 5 ml of 0-2 M TIOA was equilibrated with 25 ml of 
0-1 M HNO,. The phases were separated and titration of the organic phase with 
standard alkali showed the acid in the organic phase to be 0-2 M. 
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(b) Thorium. Values of the partition coefficient for the extraction of thorium 
from nitric acid solutions by TNOA in benzene are shown in Fig. 2 for various amine 
and acid concentrations. It is seen that partition coefficients greater than unity are 
obtained for amine concentrations 0-2 M and that there appears to be a second- 
power dependency on amine concentration. The results obtained under similar 


No. washes with 0-1 M HNO, 0 


Acid remaining in solvent (M) 0-4 0-2 02 02 


conditions for TIOA (f ig. 3) are similar, but lower than those obtained for TNOA,. 
[he lower partition coefficients for TIOA are consistent with the results of Croust 
et al. for the extraction of uranium from | M H,SO, but contrast with those of 
WILson™) for the extraction of Pu(IV) from nitric acid. The latter would be expected 
to bear a closer relationship to the extraction of Th(IV) from nitric acid than the 


Partition coefficient 
Partition « oef ficient, 


3 ~ 6 7 1 2 3 a 5 6 
M M HNO3: 

FiG. 2.—Variation of the partition coefficient FiG. 3.—Variation of the partition coefficient 
with nitric acid concentration for the with nitric acid concentration for the 

extraction of thorium by TNOA extraction of thorium by TIOA. 

0-1 M Tri-n-octylamine: 0-4 M Tri-iso-octylamine: 

0-2 M Tri-n-octylamine 0-2 M Tri-iso-octylamine: 


O4M ri-n-octylamine M Tri- so-octylamine 


extraction of uranium from sulphuric acid. Consistent with the results of WILSON 
is the reduction in extraction going from tri-n-octyl to tri-n-decv| as shown in Fig. 4. 


where the effect of diluent and chain length of the attached alky! groups is shown. 


The results obtained confirm the existence of an anionic thorium complex, and 


B. Bro 


wn, W. D. ARNoLD, J. G. Moore and R. S. Lowrtrt ORNL-2099 (1956) 
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Suggest that this complex is associated with two solvent molecules in the organic 
phase. The second-power dependency on solvent concentration is shown in Fig. 5, 


where the variation of partition coefficient is plotted against amine concentration at 
constant HNO, concentration. The slopes of the lines for TIOA and TNOA are 
21+ 0-1. The integral second power dependency indicates that the extracted 
complex bears a double negative charge, i.e. Th(NO,),2~ and this integral value can be 
accounted for by assuming that: 


(a) all anionic species can be extracted on the basis of a simple ion-exchange 
analogy but the formation of the complex Th(NO,),?~ is favoured rather 
than the intermediate Th(NO,),~, possibly owing to its sy mmetry, 


(b 


more than one anionic species 1S present, including the intermediate 
Th(NO but extraction of Th( NO),?> is preferred 


5 
a | 
Fic. 4 Variation of the partition coefficient Fic. § Variat of the partition coefficient 
with nitric acid concentration for the with amine cx entrauion for the extractior 
extraction of thorium with various amines of thorium from nitric acid 


and diluents 

2 M Tri-n-octylamine/benzene: I ctylamine 2 M HNO,; 
0-2 M Tri-n-octylamine/toluene: lri-n-octylamine 1 M HNO 

0-2 M Tri-n-decylamine/toluene 


This latter possibility can be explained by postulating that the six nitro groups 
occupy six of the eight co-ordination positions" to produce an ionic complex of the 
type discussed by Pokras'!®’ and that the amine molecules enter the two remaining 
co-ordination positions to give an electrically neutral eight co-ordinated complex 


Thus the extraction of anionic complexes having a net negative charge equal to the 


*) A. E. MARTELL and M. CALVIN. Chemistry of the Metal Chelate Compounds p. 248. Prentice Hall (1952) 
. L. Poxras, J. Chem. Fdu 33, (6), 282 (1956) 
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number of remaining co-ordination positions might well be a favoured mechanism 
and could explain the extraction by amines of Pu( NO,),?~ noted by WiILson™ and of 
Np( NO,),?> recorded by SHEPPARD."* 

Further studies and an evaluation of the energies involved in the two alternative 
mechanisms will be necessary to determine if and when co-ordination complexing of 


the amine is the preferred mechanism. 
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PRELIMINARY COMMUNICATION 


Some observations on the adsorption of carrier-free indium from aqueous solutions 
(Received 17 July 1958; in revised form | May 1959) 


CARRIER-FREE indium-115 m was prepared according to the method of Lawson and KAHN The 
concentration of indium-115 m, calculated on the basis of its half-life and the approximate counter 
efficiency, was of the order of 10° molar. 

Fifteen-milliliter Pyrex, quartz, and polyethylene cones, which served as adsorption vessels, were 
cleaned by soaking overnight (several hours in the case of polyethylene) in concentrated nitric acid, 
then by washing with distilled water. The cones were air-dried at room temperature. Fifteen-milli- 
liter paraffin-coated Pyrex cones were used without treatment. 

Aqueous solutions of the appropriate pH and tonic strength were prepared directly in the adsorp- 
tion vessels by mixing perchloric acid, ammonium hydroxide, and cairier-free indium-] 1Sm. In 
some experiments, the ionic strength was adjusted by the addition of ammonium yerchlorate or 
neutral ammonium chromate. In all instances the final volume was 10-12 ml. The adsorption 
process was carried out for definite lengths of time in a constant-temperature bath maintained at 
32:2 + 02°C Agitation and protection from the atmosphere were accomplished with a stream of 
nitrogen which had been saturated with water-vapour at the same temperature. The solutions were 
centrifuged in an ordinary clinical centrifuge for 10 min after the agitation period and the percentage 
of indium adsorbed was calculated from the activity of the supernatant liquid. The pH of a solution 
was determined after the adsorption with a Beckman Model G pH meter 

The rate of adsorption of indium from ammonium perchlorate solutions (u = 0 1) onto Pyrex 
and quartz is typically represented by the following results obtained for quartz at pH 7:5: 37 
0-50 hr; 1-67 hr; 66°, 3-Ohr; 62°, 15-3 hr. In all instances, the adsorption rate was slow 
after 3 hr. The dependence of per cent adsorption on pH for solutions which were stirred 3 hr with 
nitrogen is shown in Fig. 1. The majority of the points represent the average of two or more values 
which were within 3 per cent of each other. These data indicate that there is no essential difference 
between Pyrex and quartz. However, further studies revealed that the results ith Pyrex were more 
reproducible; apparently quartz was more susceptible to attack at the higher pH values. Fig l 
also shows the results of experiments in w hich indium was adsorbed from ammonium chromate 
solutions (uw = 0-34) onto polyethylene and paraffin after stirring with nitrogen for 30 min 

The adsorption of indium by Pyrex at pH values of 7-4 (42°,) and 9-8 (70°,) was found to be 
essentially independent of the concentration (0-00-0-50 M) of sodium perchlorate; this behaviour 
is characteristic of radiocolloids 

The adsorption of indium by Pyrex from solutions of four different ammonium salts (a = 0-34) 
was studied. Ammonium acid phosphate, which is known to form stable complexes with indium," 
had a marked effect on the adsorption. A small adsorption peak (8 5°.) occurred at pH 4°9 and 
another (36°,) at pH 10-02; over the intermediate pH range there was no detectable adsorption. 
The results of adsorption from ammonium perchlorate, ammonium iodide, and ammonium chromate 


solutions were essentially as depicted by the Pyrex curve in Fig. | These results are in accord with 


the small tendency for indium to form complex ions with perchlorate, iodide, or chromate.'*:* 


') K. L. Lawson and M. Kaun, J. Inorg. Nucl. Chem. §, 87 (1957) 
4. Hotroyp and J. E. Satmon, J. Chem. Soc. 269 (1956) 
N. SuNDEN, Svensk Kem. Tidskrift 66, 50 (1954) 

M. F. J. Amer. Chem. Soc. 66, 498 (1944). 
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The adsorption of indium from ammonium perchlorate solutions (w = 0-1) as a function of 
indium concentration was determined at pH values of 7-4 and 9-8. From 10-"* M to 8 10-7 M, 
the percentage adsorption was independent of indium concentration. The Langmuir isotherm was 


Adsorption of carrier-free indium on different surfaces as a function of pH 
Pyrex A P; , iff 


Quartz Polyethylene 


followed regardless of whether the solutions were centrifuged Adsorption at pH 98 was on the 
order of 75°. and essentially independent of centrifugation However. adsorption at pH 7-4 was 
approximately 63°,, when the solutions were centr ifuged and about 42°, when they were not 
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LETTERS TO THE EDITOR 


The preparation of anhydrous metal compounds by dehydration with 
2,2-dimethoxy propane 


(Received 12 January 1959: first revision 9 March 1959: second revision 21 ipril 1959) 


ANHYDROUS metal compounds are important starting materials for reactions in non-aqueous solvents. 
Frequently, they are less readily available than the corresponding hydrates This is the case with 


metal chlorides whose dehydration by various methods has been reviewed recently by FREEMAN 


and Siri As a dehydrating agent, they recommend thiony! chloride, first used by Hecw1 
Their experiments give occasion to report dehydrations with 2,2-dimethoxypropane, which have 


the advantage of not being limited to chlorides. 

Ertey™ has used 2,2-dimethoxypropane (boiling range 76 82 C) as a drying agent for preparation 
of samples for infra-red analysis. The ketal reacts with water (pH 6) in an endothermic reaction 
(AK 126°5 at 30 C) to give methanol and acetone 


(CH,O),C(CH,), H.O == 2CH,OH CH,COCH 


It seemed worthwhile to study the dehydration of metal chlorides in quantities commonly used in 


syntheses. Unlike the reaction with thionyl! chloride, the dehydration with 2,2-dimethoxypropane 


is likely to yield solvated metal chlorides 


MCl,-xH,O vSOCI, —- MCI 2xHC! rSO 


MCl,-xH,O r(CH,O),C(CH,), == xCH,OH rCH,OH CH,COCH 


This is no disadvantage when the solvate or its solution in the methanol-acetone mixture can be used 


directly in metathetical reactions 


As an example, the preparation of iron (III) nitrilotr iethoxide'*’ shall be described. The alkoxide 
can be precipitated in anhydrous form, which changes to the alcohol-s« ye monohydrate by taking 
up water from the atmosphere. Both forms can be prepared, more ¢ y than reported before, 
from iron (111) chloride, dehydrated with 2,2-dimethoxypropane, and 1 itrilotriethanol (triethanol- 


amine) hydrochloride 


FeCl, + (HOC,H,),NH-Cl 4(C,H.),N Fe(OC,H,),N 4(C,H,),N-HCI 


EXPERIMENTAL 


Nitrilotriethanol hydrochloride was prepared from technical grade triethanolamine by pre- 


cipitation with hydrochloric acid. The 2,2-dimethoxypropane was of technical grade. All other 


reagents and solvents were of practical grade 

Iron (111) chloride 6-hydrate (5-40 g, 0-02 mole) was warmed with 30 ml of 2,2-dimethoxypropane. 
Nitrilotriethanol hydrochloride (3-90 g, 0-02 mole) in 75 ml of acetonitrile and 20 ml of triethylamine 
was heated to boiling in a 250 ml round-bottomed flask until the hydrochloride had dissolved. The 


hot solution of iron (II) chloride was added slowly with constant stirring. After precipitation was 


1) J. H. Freeman and M. L. Sairn, J. Jnorg. Nucl. Chem. 7, 224 (1958) 
H. Hecurt,. Z. Anore. Chem. 254, 37 (1947) 
D. S. Ertey, Analyt. Chem. 29, 1564 (1957) 
F.C. Burns and K. Starke. Trans. Kentucky Acad. Sci. 19, 45 (1958) 
K. Starke, J. Inorg. Nucl. Chem. 6, 130 (1958) 
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complete, the hot mother liquor was decanted through a Biichner funnel and the filtrate was allowed 
to cool. Triethylammonium chloride crystallized out and was separated by suction 

The filtrate was returned to the round-bottomed flask with the filter paper containing the iron 
complex, and 5 ml of triethylamine was added. The precipitate was heated with the mother liquor 
and the above procedure was repeated twice until no more triethylammonium chloride could be 
obtained after cooling the filtrate. All the iron (IIL) nitrilotriethoxide was then collected and washed 
with 10 ml of acetonitrile. The amount obtained was 3-81 g; the yield was 94-5 per cent 

The iron (III) nitrilotriethoxide was dissolved in boiling methanol, the solution concentrated to 
about 60 ml and allowed to cool. On slow addition of 30 ml of triethylamine a precipitate formed 


which was separated by suction and allowed to dry. The amount of iron (IIL) nitrilotriethoxide 
monohydrate obtained was 3-60 g; the yield was 81-8 per cent. 

The compound was dried in a vacuum desiccator under 25 mm Hg pressure at room temperature 
overnight. Two 0-3g samples were heated slowly with a Fisher burner to decompose the organic 


matter and the iron was determined gravimetrically as iron ({I]) oxide. The nitrogen analysis was 
done with two 0-1 g samples by the Kjeldahl method 
Anal. Found: Fe, 25-41; N, 6-32. Calc. for Fe(OC,H,),N-H,O: Fe, 25-39: N, 6-37. 
Chromium (III) chloride and the nitrates of iron (IIL) and chromium (II) were dehydrated with 
2,2-dimethoxypropane and used in metathetical reactions in a similar manner.’ 2,2-Dimethoxy- 
propane can also be used as a solvent for recrystallization or an agent for precipitation of water- 
sensitive metal complexes 


Acknowledgement—The author is indebted to The Dow Chemical Co., Midland. Michigan, for a 
generous supply of 2,2-dimethoxypropane 
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* F. C. Burns, Thesis, University of Kentucky, Lexington, Kentucky. 


A new type of cation-vacancy ordering in the spinel lattice of In,S, 
( Received 6 Vay 1959) 


IN the course of an investigation of cation deficient spinel structures with the general formula A,O, 
like + Al,O, and y Fe,O,, our attention was drawn to the structure of / In,S,, which according to 
HAHN and KLINGLER also has a spinel structure with vacancies.''’ The observed X-ray intensities 
according to these authors indicate that the 2% vacancies per unit cell are distributed either on both 
octahedral and tetrahedral sites or only on the octahedral sites 

It has recently been found that the structure of + Fe,O, is not the spinel structure, but a structure 
consisting of three spinel blocks one above the other, in such a way that c/a 3, with the positions 
of the eight vacancies determined by a fourfold screw-axis with a translation of ic. The space- 
group is P4,2,2.' In this connexion it looked worthwhile to reinvestigate the structure of # In,S, 
An X-ray powder diagram was made of a sample* on a “Norelco” diffractometer with CoK~x 
radiation. A great number of superstructure lines could be observed, partly already given by HAHN 
and KLINGLER (/oc. cit ) although not correctly indexed 

As in 7 Fe,O, all these reflections could be indexed using a tetragonal unit cell having c/a 3 
and a 10:77, A. In contrast, however, with » Fe,O,, only reflections with unmixed indices 
appeared to be present (cf. below). Therefore we have to choose a face-centred tetragonal lattice, 
that can be transformed into a body-centred tetragonal lattice with half of the cell volume, so that 


The mr was kindly put at our disposal by Dr. H. Korimans of this laboratory 
H. Hawn and W. KiIna! wore. Chem. 260, 97 (1949) 
) s. Nat 
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ay ba,V 2 = 7-61, A, and ¢ = 32-32, A. The absence of reflections 0 0 /, with / + 4n, points to 
a screw axis with a translation of jc, as in y Fe,O,.? 

On the assumption that the structure is based on the spinel structure the new unit cell contains 
16 molecules of In,S,, and the most probable space group is 1 4,22. This is a subgroup of Fd3 m, 
the space group of spinel. 

The unit cell contains 3 j 23 4 vacancies. The position 4a: 000; O44}; 444; 
which in the spinel lattice is occupied by tetrahedrally surrounded metal! ions, is now vacant 
scribed in terms of the spinel structure, with the tetrahedrally surrounded cations at 000 and t+, 
etc. the positions of the vacancies are: 


+44: 22 in the first spinel block 
900; 
oe in the second spinel block 


0 
i 


i 
04; in the third spinel block 


The presence of a very faint 3 00 reflection (indexed according to the f.c. lattice) indicates that. 
as a consequence of slight displacements of the ions, the symmetry of the structure is lower 

Preliminary calculations of the intensities with the ideal S-parameter show that they are in good 
agreement with the observed ones 

We here encounter the first example of a spinel structure with the vacancies present on the tetra- 
hedral sites. The structure is related to the structure of Fey, sLio,(Cr,)O, with a 1 : 1 order in the 
tetrahedral position’ in the same way as 7 Fe,O, to Fe(Li,,,Fe,,,)O,."* 

The conclusion of HAHN and KLINGLER that f In,S, is isostructural with » Al,O, is therefore 
not justified. The extra reflections given by Korpes for a sample of crystalline » Al,O, are incorrectly 
ascribed to /-radiation and impurities.””’ An accurate inspection of the spacings shows that this 
Al,O, (with a very small percentage of Li,O) has the same vacancy-ordered structure as y Fe,O, 

HAHN and KLINGLER also mention a x In.S, which should have a Al,O,-type structure." 
According to these authors, this is confirmed by the X-ray diagram of samples of In,S,, prepared 
at low temperature. The X-ray reflections of their samples are, however, broadened in such a way 
that any superstructure reflection will vanish in the background. The presence of lines which are 
only in agreement with a cubic cell constant of 10-72 A makes it also very improbable that a structure 
of the 7’ Al,O, type, with a lattice constant half the spinel value, is present 


C. J. M. RooyMans 
Philips Research Laboratories 
Eindhoven, The Netherlands 


P. B. Braun, unpublished results, see E. W. Gorter. Philips Res. Rep. 9, 295 (1954) 
* P. B. Braun, Nature, Lond. 170, 1123 (1952). 

E. Korpes, Z. Krist. 91, 193 (1935) 

E. J. W. Verwey, J. Chem. Phys. 3, $92 (1935) 
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THE OCCURRENCE OF DELAYED-NEUTRON 
PRECURSORS* 


W. Joun and F. J. Lomparp 


Lawrence Radiation Laboratory, University of ( alifornia, Livermore, California 
(Received | December 1958) 


Abstract—A survey of the isotope tables for delayed-neutron precursors has been made for odd-7 


nuclei having neutron numbers greater than the magic numbers by either two or three. The quantity 
Vv BR was calculated for each case from known data or from energy systematics to detern ne if 
ncutron emission is enerec tically possible 

Among the fourteen non-fission products examined, two are known delaved-neutron precursors 
In only one other case, namely **°TI. is there a possibility of delayed-neutron emission. The sixteen 
fission products considered include four known precursors, two nuclei previously suggested as 
precursors and three uncertain cases. In all the other cases delaved-ne Mm emission is energetically 
impossible 


ACCORDING to the BoHR—-WHEELER theory," a delayed neutron is emitted by the 
excited daughter nucleus following #~ decay of the precursor. The terminology is 
taken from Keepin.’ Mayer pointed out that the delaved-neutron precursors 
Br and '2)1 produced in fission lead to the emission of the extra neutron bevond the 
neutron magic numbers of 50 and 82, respectively. The unusually low binding 
energy of the neutron beyond a closed shell is held responsible. Pappas" has con- 
sidered shell effects in discussing delayed-neutron precursors among the fission 
products 

The first definite case of a precursor having an odd proton number and an odd 
neutron number, was identified by Pertow and Srenney who chemically 
separated the fission product. They discuss the quantity O B.. where Q, refers 
to the precursor and B, is the binding energy of the neutron to the emitter. For odd-Z 
precursors compared to even-Z precursors, QO B. is larger by -.. the proton 
pairing energy, regardless of whether the neutron number is even or odd. Furthermore. 
O B., is especially large for neutron numbers just beyond a closed shell Recently, 
Keepin has made an extensive prediction of delayed-neutron precursors produced 
in fission. While he considered shell effects in the systematics of 0, and B.. he did 
not make any preselection of precursors on the basis of even or odd neutron or 
proton numbers. The odd-even characteristics are expected to play a lesser role in 
the determination of precursors in the fission products than in nuclei nearer the line 
of nuclear stability. 

We have made a partial survey of the isotope tables to locate possible new delayed- 
neutron precursors, using the shell regularities discussed above to reduce the number 
of cases to be considered. The following criteria were applied 

(a) The prospective precursor should have odd Z. 


* This work was done un r the auspices of the U.S Atomic Enerey Con missior 


N. Bonr and J. A. WHeever, Phys. Rev. 56, 426 (1939) 
G. R. Keepin, J. Nucl. Enerev 7, 13 (1958) 

* M. G. Maver, Phys. Rev. 74, 235 (1948) 

A.C. Pappas, M.1.T. Laboratory for Nuclear Science Report No. 63 (195% U.S.A. Report AECt 
2806 (1953). Unpublished 
G. J. Pertow and A. F. Stenney, Phys. Rev. 107, 776 (1957) 
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(b) The neutron number of the precursor should exceed one of the magic numbers 
2, 8, 20, 28, 50, 82 or 126 by either two or three. 
(c) A reasonable amount of information on the ~ emitter should be available. 
The table of isotopes by STROMINGER et al.‘ was used as a source of information. 
lhe results of the survey are given below in two parts; non-fission products in 
Table 1, and fission products in Table 2. 


TABLE | NON-FISSION PRODUCTS 


Remarks 


Known delayed-neutron precursor 


~7°5 MeV 


We estimate 0; ~3-6 MeV from the i-decay systematics of 


2:7 We estimate Q; ~7-0 MeV from the £-decay systematics of 


detail in text. 


yed-neutron precu 


trom HuGues and Harvey 


of the three known delayed-neutron precursors 


among non-fission products fall into the category of nuclei considered. The precursor 


Li is not included. In this case the delayed-neutron emission results in the residual 
nucleus ;Be which decays into two z-particles which are, of course, each doubly 
magic. BLANCHARD and WiInTeER'' have speculated on the existence of ®H ind 


pointed out that the /~ decay of °H to *He would alv ays result in neutron emission 
because of the known instability of "He against neutron emission. ®H would also 
be covered by criteria (a) and (b), : bove. 

\mong the non-fission products considered as possible new precursors, it appears 
that all nuclei except one are excluded by the energy requirement that QO B 
.: 11 may be a possible new precursor. Q, has been calculated") from a closed 


energy cycle and found to be 3-93 MeV. From the decay scheme PERLMAN et al."!%) 


D. Strom a, J. M. HOLLANDER and G. T. Srapore. Re Mod. Phys. 30, 585 (1958 
D.J.H HES 1 J. A. Harvey, Amer. Inst. of Phy Handbook Section 8h. McGraw-Hill, New York 
(1957 
H. MorinaGa, Phys. Rev. 103, 504 (1956) 

D. Ann. Re Ni Sci. 2, 305 (1953) 
R. K. WaAN-ess and H. G. Tuope, Canad. J. Phys. 33. 541 (1955) 
C. H. BLANCHARD and R. G. Winter. PAy fev. 107, 774, (1957). 

*) B. M. Foreman, Jr., University of California Radiation Laborator\ Report UCRL-8223 (1958). Un- 
published 


1. PERLMAN, F. StepHens and F. Asaro, Phys. Rev. 98, A 262 (1955) 
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find a total decay energy of 4-12 MeV. B,, has been measured from the (d,p) reaction 
on “Pb by Harvey," who obtained 3-87 + 0-05 MeV. Using the calculated Q,, 
one gets Q, B, = 0-06 MeV. However. considering the errors, one could not 


TABLE 2.—Fission PRODUCTS 


Remarks 


Previously Suggested as a delayed-neutron precursor from study of 


fine structure in fission yields. 
Br Known delayed-neutron precursor 


Known delayed-neutron precursor 


Previously suggested delayed-neutron precur 
13 
1-8* Known delayed-neutron precursor 


Known delayed-neutron precursor 


Vv" and B, estimated from the systematics of Krepr 
[rom STROMINGER ef al.’ B, from HUGHES and HARVEY 
V”’ estimated from the systematics of Krrpr B, from HuGues and Harvey 


OF from STROMINGER ef a/.'*). B,, from the systematics of Krrpr 


definitely say that QO B,, was positive. Should QO B,, be positive, the possibility 
of observing delayed neutron emission will depend on whether 2°Pb has suitable 


excited states for the f transition. 


In addition to four precursors previously identified in fission, Table 2? includes 
As and '°°Sb which have previously been suggested as delayed-neutron emitters. 
The known precursors '*°1, *°Br and Br are not included. W e might remark that since 
Kerepin’s selection criteria for precursors are designed to select major contributors 


to the delayed neutron groups, the possibility of minor contributors outside of his 
list is not excluded. For three of the fission products, {°Rb, ''Cs and "Cs, O 
B | MeV. Since the calculations involved estimates from energy systematics, 


these cases are considered uncertain. 

As noted above, several Precursors among the fission products are known which 
do not fall into the category covered by our selection criteria. As more nuclei are 
studied additional exceptions are to be expected. The present partial survey is not 
intended to be an exhaustive study of all possible precursors 


Harvey, Phys. Ret 81, 353 (1951) 
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NEUTRON IRRADIATION OF VARIOUS PHOSPHATES 
IN VACUUM* 


T. R. Sato, P. A. Secters and H. H. Srrain 
Divisions of Chemistry and of Biological and Medical Research 
Argonne National Laboratory, Lemont, Illinois 


(Received 2 January 1959) 


Abstract— Neutron irradiation of phosphoric acid, of its salts, and of its linear and cyclic condensation 


products in vacuum produced, primarily, the corresponding radioactive compounds. Not more than 
traces of reduced products, such as phosphite, hy pophosphite, and phosphorus, were formed. Acid 
phosphates gave small yields of unidentified secondary products resembilng those obtained by 
y-irradiation. They did not form simple condensation products, such as pyrophosphate and tripoly- 
phosphate, which are usually formed by heat. The irradiation products did not vary with the intensity 
of the neutron irradiation. From these observations, the large amount of energy liberated through 
neutron capture by the phosphorus atoms appears to be dissipated without disruption of the PO, 
group, without rupture of the P-O or P-O-P linkages, and without extensive condensation of P-OH 
groups to P-O-P linkages 


WHEN chemical compounds such as phosphoric acid and its salts are irradiated with 
neutrons, the energy liberated by neutron capture vastly exceeds the heat of formation 
of the irradiated substances. For the reaction n — *!PO,—> PO, — », the neutron 
binding energy is about 18 » 10° kcal/mole of phosphorus that is activated. 
By contrast, the heat of formation of H,PO, from its elements is only about 300 kcal 
per mole.) Most of the neutron binding energy is dissipated as some 20 y-rays in 
the energy range of 3 to 79 MeV. The recoil energy from the y-emission, which 
should be available for the propagation of chemical reactions,’ may be calculated 
for the phosphorus atom as the recoiling group (ca. 26,000 kcal/mole **P) or for the 
phosphate radical (ca. 8000 kcal/mole **PO,). The liberation and dissipation of this 
nuclear recoil energy might be expected to produce disruption and chemical changes 
of the phosphate group itself.'*. 

Neutron absorption by the oxygen atoms, which have a slightly smaller neutron 
binding energy than the phosphorus atoms and a neutron cross-section (ao = 00002) 
only one one-thousandth that of the phosphorus atoms (¢ = 0:2), should produce 
relatively less disruption of P—O bonds than neutron absorption by phosphorus 
atoms. Moreover, owing to the inactivity of the neutron irradiation products of 
oxygen, the splitting of P—O bonds through neutron absorption by oxygen would 
not be detectable by radiochemical means. 

Thus far, studies of the neutron irradiation of phosphate have provided in- 
consistent conclusions regarding the chemical identity of the radioactive products. 


* Based on work performed under the auspices of the U.S. Atomic Energy Commission. 


G. FRIEDLANDER and J. W. Kennepy, Nuclear and Radiochemistry. John Wiley, New York; Chapman & 
Hall, London (1955) 

* B. B. Kinsey, G. A. BARTHOLOMEW and W. H. WALKER, Phys. Rev. 85, 1012 (1952) 
W. F. Lissy, J. Amer. Chem. Soc. 62, 1930 (1940) 

A.C. Mappock, Research 2, 556 (1949) 
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Irradiation of various phosphates or pyrophosphates in air and subsequent examina- 
tion of the products with non-specific chemical methods have provided radioactive 
phosphate or pyrophosphate plus various quantities of other radioactive products 
believed to include phosphite, hypophosphite, and hypophosphate.*-* Neutron 
irradiation of KH,PO, under various, incompletely specified conditions produced a 
secondary product with the properties of a condensed phosphate.” But, irradiation 
of crystalline Na,HPO, in evacuated quartz tubes followed by examination of the 
activated products with the highly selective electrochromatographic method yielded, 
primarily, radioactive orthophosphate.” 

incompletely oxidized oxyacids of phosphorus, such as phosphite and hypo- 
phosphite, were moderately stable when irradiated with neutrons im vacuum." 
Had they been formed in quantity from phosphate, the phosphite and hypophosphite 
should have been separable by electrochromatography and detectable by their 
radioactivity. The absence of these acids and of elemental phosphorus among the 
activation products of phosphates indicates, therefore. that. in spite of the energy 
liberated, the neutron irradiation may not disrupt the phosphate group. 

Because of the significance of the radioactive products to interpretation of the 
neutron activation process, we have examined the radioactive species formed by 
neutron irradiation of a variety of phosphorus compounds with the oxidation state 
of phosphate. These substances included anhydrous phosphoric acid and its 
ammonium, sodium, and potassium salts. The ammonium salts were selected 
because of the small neutron cross-section of nitrogen, the sodium salts because of 
their availability, and the potassium salts because of their crystallization in the 
anhydrous condition. The phosphorus compounds submitted to irradiation also 
included linear condensed phosphates such as salts of Pyrophosphoric acid and 
tripolyphosphoric acid, the former being notable for its thermal stability."" Some 
of these compounds submitted to irradiation were cyclic, condensed phosphates such 
as trimetaphosphate and tetrametaphosphate. In all these compounds, all the 
chemical linkages of the phosphorus atoms are P—O bonds. In the linear and 
cyclic condensed phosphates, P—O—P linkages are also present, and in the cyclic 
trimetaphosphate and tetrametaphosphate, two fifths of the phosphorus bonds are 
these P—O—P linkages. 

Were there extensive disruption of the P—O bonds by the neutron irradiation, 
phosphates might yield phosphorus, phosphite, hypophosphite and various condensed 
phosphates; pyrophosphate might yield phosphate, reduced forms and condensed 
forms; other linear condensation polyphosphates might yield shorter molecules and 
reduced forms; and the cyclic condensation products might yield linear condensed 
phosphates and ultraphosphates. Examination of the irradiation products of these 
phosphates has required, therefore, the refinement of the electrochromatographic 
technique for the separation and estimation of all these products at tracer levels and 
without loss or alteration of the radioactive components. 
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When our earlier investigations of the neutron activation of phosphate were 
performed, it was presumed that the temperature of the irradiated sample was the 
same as that of the reactor.-!®) But it has since been found that at the high neutron 
flux employed (ca. | 10 neutrons/cm* per sec), the temperature of the quartz 
containers rises to 155°") or about 100° above the temperature of the reactor. This 
heating effect was due to impurities (boron) in the quartz containers, not to liberation 
of heat in the phosphate samples, which did not become warmer than the containers. 
Individual activated atoms, however, might have been heated to higher temperatures 
momentarily before the recoil energy could be dissipated into the mass of the sample 
itself. 

At the elevated temperatures in the reactor, activation products might undergo 
secondary changes analogous to the increased retention effects observed when 
neutron-activated samples are heated or annealed.“.%4—6© To minimize such 
changes, we have also irradiated the samples of phosphates and condensed 
phosphates with neutrons at a much lower flux in an air-cooled region of the reactor 
so that the temperature of the containers did not rise above 30°. 


EXPERIMENTAI 


Vaterials 


rhe phosphorus compounds employed for these investigations were various commercial pre- 
parations and special samples contributed by many specialists in the field of phosphorus chemistry 
To avoid individual differences. several preparations of each substance were usually irradiated 


Orthophosphates included crystalline phosphoric acid, prepared by concentration of the aqueous 


acid,'*”’ the mono and diammonium salts. and the mono-, di-, and trisodium and potassium salts 


Linear polyphosphates were the di- and tetrasodium salts of pyrophosphoric acid, Na,H,P,O., 


and Na,P,O,, the pentasodium tripolyphosphate, Na,P,O,,, and the guanidine salt of tetrapolyphos- 
phate, H,P,O,, 

Cyclic metaphosphates were represented by two compounds, trisodium trimetaphosphate, 
Na,P,0,, and tetrasodium tetrametaphosphate, Na,P,O,, 


Vethods 


Several steps were involved in the examination of each substance, namely, irradiation with 


neutrons, dissolution in water. elect chromatographic migration of the irradiated products, 


detection and estimation of the separated substances, and the electrochromatographic comparison 


of the irradiated material with non-irradiated portions of the same preparation. For this comparison, 


the non-irradiated material was subjected to differential electrical migration under the same conditions 


employed with the activated material. The migration sequences of these authentic preparations 
5 | 


served as a basis for the identification of products formed by irradiation or by hydrolysis Substances 


that were partially hydrolysed under the conditions utilized for the electrochromatographic separa- 


tions would not provide definitive information about the number and the nature of the neutron 


irradiation products and were not investigated from this standpoint. These substances included 
tetrapolyphosphate, tripolyphosphate, and tetrametaphosphate 
For the irradiations, the finely ground samples, either 40 to 50 mg or 0-01 formula weight. were 


placed in ampoules prepared from very pure quartz tubing. These vessels were evacuated to about 
2 10-* mm of mercury pressure with mercury vapour pumps for about two weeks in order to 


) H. H. Strain and T. R. Sato, A Conference on the Use of Isotopes in Agriculture pp. 175-182. (Held 
January 1956.) U.S. Atomic Energy Commission, TID-7512. W ashington, D.¢ 

*) T. R. Sato, Radiation Research 9, 242 (1958): T. R Sato and W. P. Norris, Report ANL-5841, 
p. 169 (1957) 

N.S. Sutin and R. W. Dovson, J. Inorg. Nucl. Chem 6, 91 (1958). 

H. Rauscuer and G. J. Inorg. Nucl. Chem. 4, 155 (1987) 

6) G. HARBOTTLE and A. G. Mappoc K, J. Inorg. Nucl. Chem. 5, 249 (1958) 

' A. G. Weper and G. B. KING, Inorganic Syntheses (Edited by H. § Boot) 1, 101 (1939) 
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remove residual water. The ampoules were then sealed and placed in aluminium containers. Fo 
the irradiations at high neutron flux, these containers were placed in the vertical thimbles of the 
Argonne Reactor (CP-5) for two days, the temperature of the quartz tubes reaching about 155 


(Neutron flux, ca. 1-5 neutrons/cm? per sec; +-irradiation, ca. § 10° réntgens per min) 
For the irradiation at low neutron flux. the containers were placed in the ventilated graphite shield 
of the reactor for five days. the temperature of the quartz tubes remaining at 30 (Neutron flux, 
ca. 8 10"' neutrons/cm* per sec; y-irradiation, ca. § 10° réntgens per min.) 

After the irradiations, the quartz tubes were opened, and the samples were dissolved in w iter 
(100 ml) forming about 0-1 formula weight solutions. About 50 or 100 portions of these so ons 
were then submitted to differential electrical migration in strips of acid-washed, soft paper moistened 
with 0-1 M lactic or acetic acids as has been described already Fo provement of the sharpness 
of the zones and for restriction of their size, the migrations were usually carried out for or four 
hours with a d.c potential of 10 V/cm. After the migration. the paper was dried in air, and the radio- 
active species were located by radioa tographs. These autographs ¢ prepared by exposing the 
paper to Kodak No-screen X-ray film with exposure periods of 4, 12 a 24hr. A typical a tograph 
made with an exposure period of 4 hr is shown in |} ig. | 

For a more precise measurement of the relative distribution of the ictivity in the radioactive 
zones, the electrochromatograms were scanned by attaching them t ess belt that was drawn 
under a narrow, adjustable slit in front of the window of a Geiger—M tube The belt and 
the attached electrochromatogram were drawn at the rate of | injmin in a constant speed motor 
and reducing gears obtained from an electrically driven kymograph The ce inting rate was recorded 


with respect to the distance of migration of the zones 


For the location and identification of the radioactive zones and for estimation of the purity and 


Stability of the preparations, non-irradiated samples were submitted t gration under the same 
conditions employed with the neutron-irradiated samples The res it electrochr« tograms 
were dried in air, and the paper was rolled with polyethylene, lin alu m f vd 
irradiated in the graphite shield of the reactor for two davs. It was then permitted to stand for o1 

or two weeks for the background activity to decay. and the activity due » phosphi IS Cc »OUNGS 
was located by a itographs made with Kodak No-screen X-ray film wit exposure periods of abou 
12 he 


RESULTS 

lhe electrochromatographic sequences of several authentic phosphorus compounds 
have already been reported.“ With 0:1 M lactic acid as background solution in 
the paper, the sequence, beginning at the starting point, was: P, H PO,, H,PO, and 
H,PO, plus H,P,O;. With zine ions (0-05 M zinc acetate) in the lactic acid, the 
pyrophosphate remained at the starting point with the elemental phosphorus while 
the remaining ions Separated in the sequence just indicated 

Additional comparative migrations in Ol M lactic acid and in 0-1 M acetic acid 
have now revealed that many additional acidic phosphorus cor 1pounds are separable 
by electrical migration. 'ripolyphosphate migrated faster than hypophosphite plus 
pyrophosphate, tetrapolyphosphate migrated slightly faster than tripolyphosphate, 
tetrametaphosphate migrated faster than tetrapolyphosphate, and trimeta- 
phosphate migrated much faster than the tetrametaphosphate. Polyphosphates 
containing from ten to 200 condensed phosphate units migrated at nearly the same 
rate as pyrophosphate in 0-1 M acetic acid. Hypophosphate, with P—P bonds, 
migrated slightly faster than pyrophosphate, and diphosphite, also with P—P bonds 
migrated very slightly slower than pyrophosphate. These separations have been 
described by Sato."!® 

When the preparations of the non-irradiated salts were submitted to electrical 
migration, followed by activation of the electrochromatogram, each salt of phosphoric 


'*) T. R. Sato, W. P. Norris and H. H STRAIN, Analyt. Chem. 26, 267 (1954) 
lr. R. Sato, Analyt. Chem. 31. 841 (1959) 
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acid, pyrophosphoric acid, and trimetaphosphoric acid yielded a single zone. This 
was indication that the preparations were homogeneous and that they did not undergo 
significant alteration or hydrolysis during the migrations. But with the salts of some 
non-irradiated, condensed acids, such as tripolyphosphoric, tetrapolyphosphoric, 
and tetrametaphosphoric acids, the electrical migration yielded several slowly 
migrating zones corresponding to phosphoric and pyrophosphoric acids,“ an 


effect that might be anticipated from studies of the hydrolysis of these acids in 
weakly acidic 

The products formed by the neutron irradiation of various salts of phosphoric 
acid at a flux of | 10° neutrons/sec are indicated by the autograph shown in 
Fig. 1, which was made with an exposure time of 4 hr. With respect to the migration 
distance, the principal radioactive irradiation product was phosphoric acid. Not 
more than traces of reduced or polymerized compounds that migrated faster than 
phosphate were detected. Significant quantities of a product migrating slower than 


phosphoric acid were present. 


When autographs were made for long periods, as by exposure of X-ray film to 
the paper for 12-24 hr, traces of activity were found at the starting point. Under 
these conditions, the zone trailing the phosphate was proportionally darker. 

A scan of the electrochromatogram which yielded the autograph of Fig. | provided 
the curves shown in Fig. 2. These curves also show that not more than traces of 
radioactive compounds migrated faster than the phosphoric acid. The amount of 


J. P. Crowruer and A. E. R. Westman, Canad. J. Chem. 32. 42 (1954) 


2) J. F. McCutto Hw, J. R. VAN Wazer and E. J. Gruieri J. Amer. Chem. Soc. 78, 4528 (1956) 
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activity in the zone trailing the phosphate was a small fraction of the total activity. 
The yield of this product varied with the salts, being greatest with the dibasic salts. 

Similar results were obtained with the ammonium salts. With the crystalline 
phosphoric acid, which was liquid at the temperature of the irradiations, no traces 
of the secondary product were obtained. 

Irradiation of the salts and of the free acid at a neutron flux of 8 10" neutrons 
cm* per sec for five days yielded results identical with those shown in Figs. | and 2. 

[he radioactive products formed by the neutron irradiation of phosphate, pyro- 
phosphate, and trimetaphosphate at a flux of | 10° are indicated by the autograph 
shown as Fig. 3. With each salt, the primary radioactive product was identical with 


Vv 
Fic. 4.—Radioactivity of an electrochromatogram formed by migration of neutron-irradiated 
tetrasodium pyrophosphate (Na,P,O,), trisodium trimetaphosy te (NaPO.).. and disodiun 
phosphate (Na,HPO,) in 0-1 M acetic acid. Migration time, 4 hr Potential, 10 V/cm 


Distance of migration of the phosphoric acid peak, 20 cm 


the irradiated material. As in Fig. |, the phosphate yielded only a small trailing zone 
and no leading zones corresponding to phosphite, hypophosphite, pyrophosphate, or 
trimetaphosphate. The trimetaphosphate yielded a trace of material corresponding 
to phosphate and a trace that was unidentified. The pyrophosphate yielded a trace 
of material corresponding to phosphate. 

In another series of irradiations, also at a neutron flux of | 10°, the electro- 
chromatograms were scanned yielding the curves shown in Fig. 4. Like the autographs 
these results show that only small quantities of secondary products were formed 

Irradiations of phosphate and of the condensed phosphates carried out at a flux 
of 8 10" and at a temperature of 30° yielded results identical with those obtained 
at a flux of | 10", 

DISCUSSION 

The results obtained by the irradiation of disodium phosphate, Figs. 3 and 4, 

confirm those that we have reported before."'*:' In the present example, the small 


quantity of material remaining at the starting point is even smaller than that obtained 


in our earlier experiments. 
[he small amount of active material that migrates slower than the phosphate, 
Figs. | to 4. arose primarily as a neutron irradiation product of monobasic and 
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dibasic phosphates. Although it does not correspond with any authentic phosphorus 
compound that we have submitted to electrical migration, it does correspond with a 
contaminant that we have observed in phosphate treated in various ways. For 
example, a substance with this relative migration rate was found in so-called “carrier 
free’’ phosphoric acid solution obtained from Oak Ridge National Laboratory.” 
It was relatively stable being hy drolysed slowly ih hot acid solutions to form phosphate. 
The same or a similar compound was formed when purified, carrier-free solutions of 
radioactive phosphoric acid were evaporated to dryness in platinum crucibles which 
were then heated to about 300°." A substance of similar migration properties was 
also produced when a sample of disodium acid phosphate was exposed to ; -rays of 
high intensity at room temperature." These slowly migrating, minor products, 
which may or may not be identical, appear to be condensed phosphate, not a reduction 
product. As indicated by its hydrolysis with acid, this material obtained by the 
neutron irradiation of phosphate is similar to that described by MACKENZIE and his 
collaborators. (See reference 9 and included citations.) . The properties of this 
secondary product, formed under various conditions, are being investigated 

lhe high yield of radioactive phosphates and condensed phosphates corresponding 
to the chemical species that were irradiated warrants two conclusions regarding 
chemical processes associated with the neutron activation. Either the P—O bonds 
were not disrupted by the nuclear rearrangements iccompanying the neutron capture, 
or the P—O bonds were disrupted, but the products recombined to form the same 
substance submitted to irradiation (the recombination occurring immediately or 
later during the handling or dissolution of the products). But owing to the variety 
of the irradiation substances, which differed with respect to physical state, molecular 
size, degree of condensation. and degree of neutralization, it is unlikely that disruption 
products could have recombined to form the original substances. From a chemical 
viewpoint, it is more probable that the neutron irradiation of the various phosphates 
did not produce extensive disruption of the P—O bonds or the P—O—P linkages. 

The dissipation of the nuclear binding energy did not produce secondary thermal 
reactions of the neutron-irradiated compounds. Because phosphoric acid and the 
monobasic and dibasic phosphates are readily converted to the thermally more stable 
pyrophosphate by relatively low temperatures (about 200°), the nuclear binding 
energy must have been dissipated so that it did not heat the neutron-activated 
molecules and those immediately Surrounding them high enough or long enough to 
produce radioactive pyrophosphate or other condensed phosphates." 
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MASS SPECTRA OF ISOTOPIC TRIMETHYLBORANES 
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Abstract— Mass spectra of isotopically normal, '*B-enriched, and deuterated trimethylboranes are 
analysed. In the isotopically normal compound an effective '"B/''B abundance ratio of 0-242 is 
calculated for the principal range, while 0-265 and 0-259 must be used for the low mass ranges of 
B(CH,), and B(CD.,),. respectively. I xplanations are offered to account for the significant differences 
observed among the three monoisotopic fragmentation patterns 


[He generally accepted value for the B/"B isotopic ratio, obtained from the mass 
spectrum of BF;,"" is 0-232 (18-83/81-17). Unfortunately, experimental difficulties 
involving BF, are such that the validity of this value is subject to question. Moreover, 
several publications ® dealing with mass spectra of boron hydrides report that a 
B/"B isotopic ratio of 0-250 (20/80) usually yields better results. 

Inherent in the calculations involved in arriving at this ratio is the assumption of 
the identity of patterns for ®B and "B compounds. Two of these papers, dealing 
with B,D," and B.H,, state that different isotopic ratios must be used for the 
principal and for the low mass ranges. This observation indicates that some of these 
values are not true abundance ratios, but include a correction factor that takes into 
account the differences in fragmentation of the various species on electron impact. 
To date nothing has been published regarding the best boron isotope ratio to use with 
compounds other than boron hydrides. 

In addition, relatively little is understood at this time about the changes produced 
in mass spectra upon total or partial isotopic substitution. Most published reports 
have dealt with the spectra of various simple hydrocarbons, and as yet there seems 
to be no general agreement regarding the experimental results and their interpretation. 
One of the unresolved points involves the effects of partial deuteration on the rupture- 
strengths of C-D bonds and the remaining C-H bonds and on neighbouring C—( 
bonds. Another question is whether or not the parent ion sensitivity and the total 
number of ionized fragments remain constant. Various papers report widely 
divergent results," 

We are investigating these problems in borane chemistry and, as a beginning, 
have selected for closer scrutiny the simplest compound, trimethylborane. With this 

* Present address: Aircraft Division, Hughes Tool Co., Culver € ity, California 
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sens 


B(CD,),* 
1-756 


329-3 


1-38 
0-13 
1-09 
4-20 
0-30 
0-03 
0-30 
1:30 
0-03 
3-28 
1-57 
0-12 
4-82 
0-04 
0-07 
0 

0-12 
0-06 
0-06 


'BICH,), 
1-966 
326°5 


"B(CH,), 
1:648 
320-8 
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1 2 0-21 0:26 

4 

10 1-04 0°56 
i 0-39 3-96 3-5 2:32 
a 12 2-74 0-99 0-63 
12-5 0 0 

13 0-44 2-76 2.4 1-84 
14 1-05 1-14 0-54 
14-5 0 0 

15 3-78 4-68 3-0 3-47 
s 16 0-24 0-29 2-64 
17 0 0-02 0-24 
18 tr 0-04 0-87 
18-5 0-03 tr 

a 19 0-02 0-04 

a 19-5 0 tr 
20 0 0 

a 20-5 0 0 

= 21 0 0 

- 22 0 0-02 0-02 0-03 
. 23 0 0-17 0-09 0-03 
a 23-5 0-03 0 0 

a 24 0-07 0-79 0-41 0-23 
a 24-5 0 0-12 0-05 

25 0-22 16 1-66 1-6 1-38 
25-5 0-03 0-06 0-08 

26 0-33 6-80 5-05 48 4-70 
a 26°5 0-06 0 0 

27 0-88 1-63 7-70 7-4 0-05 
27-5 0-03 0 0 

.. 28 0-91 0-21 0-26 3-83 
28-5 0-04 0 0 

29 2-61 0-16 0-13 0-24 
a 30 0-85 tr 0-02 0-01 
31 3-15 0-06 0 0-01 
a 32 0-13 0-02 0-03 0-01 
@ 33 0 0 0 0 

= 34 0-07 0-18 0-05 0-04 
4 35 0-13 1-24 0-46 0-41 
a 6 0-29 8-66 3-25 31 3-36 
37 1-03 2-15 8-92 8-5 9-47 
a 38 1-99 10-52 4-22 3-9 450 
a 39 7-68 3-58 11-04 10-7 11-86 
. 40 0-69 100 27-18 25-5 26-88 
a 41 1-25 7-61 100 100 100 

42 2:5 0-41 2:28 2:2 2:39 
q 43 8-32 0-08 0-14 0-17 


Mass spectra of isotopic trimethylboranes 


TABLE | (continued) 


B(CD,),* **B(CH,), "B(CH,), 
1-756 1-966 1-648 
329°3 326°5 320'8 


Rel sens.§ 
Total » sens. 


44 0-79 
45 2:34 
46 27-0 
47 100 
48 2:31 
49 0-20 
50 0-18 
51 0-59 
52 0-21 
53 0-74 
54 0-15 
55 0-46 
56 0-05 
57 0-04 
58 0-17 
59 0-52 
60-63 0 

64 0-26 
65 0-90 
66 0-04 


Sample containing 4:2 per cent BC,D,H; relative schsitivity is 1-81 after correction for B 
* See reference 12. 
> See reference 11 
§ After correction for chemical impurities 

After approximate correction for m/e 10 peak. 


compound, the extreme experimental difficulties encountered in work with BF, do 
not arise. Furthermore, it is to be expected, a priori, that within each mass group 
(where only C-H, but no B-C, bonds are broken) relative patterns would be identical. 
in contrast to what may be expected for boron hydrides. 

A survey of the literature reveals only two papers‘ dealing with the mass 
spectrum of trimethylborane, both of them in a rather brief manner and in relatively 
poor agreement with each other. In order to study deuteration effects and to determine 
the B/"B isotopic ratios, the spectra of three trimethylboranes were studied 
isotopically normal, 'B-enriched, and perdeuterated, to be designated as Me,"B, 
Me,"B, and Me,B-d,, respectively. 


EXPERIMENTAL 


Isotopically normal trimethylborane, trimethylborane-'"B, and trimethylborane-d» were prepared 
by the Grignard reaction of the appropriate isotopic compounds of methyl magnesium iodide and 
boron trifluoride in diethyl ether. The trimethylboranes (b p., —20 C) were purified" by fractional 
condensation, passing through a trap at —135°C and being retained (while pumping) in a 150 ¢ 
trap. Infra-red spectra did not indicate any 

B.C. Torun, R. Scuaerrer and H. J. Svec, J. Inorg. Nucl. Chem. 4, 273 (1957) 
2) R. W. Law and J. L. MarGrave, J. Chem. Phys. 25, 1086 (1956) 

W. J. Lewmann, C. O. WiLson and I. SHapiro, J. Chem. Phys. 28, 777 (1958) 

W. J. Leumann, C. O. Witson and I. J. Chem. Phys. 31, In 
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: 0-02 0-04 1-70 
. 0-03 0-02 0-07 
4 0-02 0-02 0-03 
0-35 0-13 0-12 
1-21 0:66 0-73 
1-51 1-58 16 1-83 
j 0-93 1-68 1-7 1-96 
| 0-09 0-89 1-03 
0-76 0-24 0-25 
0-07 0-76 0-84 
0-04 0-04 0-04 
1-28 0-34 0-67 
0-36 1-20 1-4 2-57 
0-04 0-10 0-09 
ol, 
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Several mass spectra of each compound were obtained on a Consolidated Electrodynamics 
Corporation Model 21-103C Spectrometer, o erating at an ionizing potential of 70 V, with a sample 
reservoir pressure of 304. A representative spectrum of each compound, as observed, is reproduced 
in Table 1, together with the two previously reported spectra.‘!!." 


After comparison of a number of spectra, correction was made for minor traces of impurities 
before any calculations were performed. The “relative sensitivity” for each spectrum—obtained by 
dividing the sensitivity of the 100 peak (in scale divisions per micron) by the butane sensitivity 
(using m/e 43)—may be used as a good and simple criterion of the purity of a particular sample 
among a series. These values, recalculated on the basis of corrected partial pressures, are also 
reported in Table 1. 


Monoisotopic spectra of Me;"B and 


The fragments fall into four groups, viz. m/e 10-17, 22-30, 34-45, 46-57. Since there is no overlap 
these groups can be treated separately 


Principal range (m/e 34-45). As a first approximation we assumed a normal '’B/"B ratio of 
20/80 (0-25) and that any contributions from doubly rearranged fragments, H,BC,H,, are insignificant 
Starting at m/e 42, the '*B-fragments can be stripped from the ''B-fragments in Me,"B. Then by 
working in the reverse direction, from m/e 35, the "C and deuterium contributions can be stripped, 
based on the ratio "C/"C equals 0-00108 (the average for petroleum products) and D/H equals 
0-00015. Any residue at m/e 43 is probably due to minute amounts of hydrocarbons 


In order to resolve the Me,'*B spectrum, it is first necessary to determine the ''B/'"B ratio. By 
neglecting any H'*BC,H, contribution and approximating the 100 peak to be entirely from '"BC atte. 
the '*BC'“CHs contribution is determined as 2-27 units. The remainder at m/e 41 is from “BC,H,, 


giving ''B/**B ratio of 0-0532 (a "'B content of 5-05 per cent). The monoisotopic components of 
this spectrum can now be separated by well known techniques. '* The HBC,H, contribution, 0-02, 


is (by design) identical to that in Me."B. (Had any residue appeared at m/e 41, this would have 


necessitated a recalculation after a small! adjustment of the ''B content ) 


Our method of computing the monoisotopic spectra is based on the assumption of identical 
fragmentation patterns for '"B and "'B compounds. This cannot simply be taken for granted. It is 


well known that the fragmentation probabilities for C-H and C-D bonds ** and for the 
B-H and B-D bonds":'” are quite different. Furthermore, several authors mention isotope effects, 
but to a much smaller degree, in the case of "C and "C“ Earlier papers on the mass spectra 
of deuterodiborane and pentadorane indicate that the B B isotope effect is responsible for 
i change in the apparent isotopic ratio between the higher ind the lower mass groups (see the 
folk »). However, in tne present case within the mass group no boron carbon bonds are broker 


ipture occurs only in the C-H bonds. Thus it is reasonable that within each mass group there would 


no significant B-isotope effect {except in the case of rearrangement peaks vhich involve the 


creation of B-H bonds). Even in the case of isotopically normal and '’B-enriched diborane (where 


¢ '*B/"B ratio and pattern in each case can be determined independently) we have not been abk 


letect a significant difference in fragmentation patterns. This observation is corroborated in the 


With the above in mind 


we can now eliminate the one major discrepancy in the patterns obtained 


so far—the two distinct values for the BC »H, fragment in the '’B-enriched pattern (2-78) and in the 


isotopically normal compound (2-11). The latter value is sensitive to changes in the '"B/"B ratio 
By assuming a ratio of 0-242 


5 (19-52/80-48) and recalculating the pattern, we find that the contribution 


of the BC,H, fragment has now been raised to the desired value. The other peaks are only slightly 
sensitive to this change, and most of them are changed in a favourable direction. 


D. R. McApams, Isotope Correction Factors for Mass Spectra of Petroleum Fractions. Esso Researc 
Labor itories, Baton Rouge. La., October 1957 
J. Decrosse and J. A. Hippie. Phys. Rer 54, 1060 (1938) 
M. W. Evans, N. Bauer and J. Y. Brac H, J. Chem. Phys. 14, 701 (1946) 
F. E. Conpon, J. Amer. Chem. Sox 73, 4675 (1951) 
'* W. S. Koski, J. J. KaAurMAN, C. F. Pacnucki and F. J. Suipxo, J. Amer. Chem. Soc. 80, 3202 (1958) 
D. P. Stevenson, J. Chem. Phy 19, 17 (1951) 
O. Breck, J. W. Orvos, D. P. Stevenson and ¢ D. WaGner, J. Chem. Phys. 16, 255 (1948) 
~ O. ScHagrrer, The Mass Spectral Patterns for Isotopic Molecules NBS Circular $22, p. 249 (1952) 
=) O. A. SCHAEFFER J. Chem. Phys 18, 1501 (1959): 23, 1305. 1309 (1955) 
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Ranges m/e 46-57 and 22-30. These regions are stripped simils irly to the m/e 34-45 range, using 
"'B/'*B ratios obtained from the latter W hen stripping the '’B-enriched 


compound, we proceed 
from the lower to the higher mass numbers, and vice versa for isotop 


pically normal trimethylborane 
No additional assumptions are necessary here. Several rearrangement peaks are observed, with 
different values for Me,'*B and Me,"'B 

Low mass range. The low mass range, m/e 10-17, must be treated in a different manner. If we 
Start at m/e 10 (due to '"B only), we can deduce the contribution of ''B at mie 11. the rest being 
‘*BH. This, in turn, enables us to determine the "BH contribution at m/e 12. The remainder of 
m/e 12, however, is due to two fr: 1gments, '*BH, and C, in unknown proportions. Similarly, starting 
at m/e 16 we immediately obtain the CH, contribution. but at m/e 15 we again have two contributors 
in unknown proportions. Thus, we cannot determine the contributions of the various fragments if 
we consider only one spectrum at a time. However, we may use to advant: ige a normal and a '’B- 
enriched spectrum simultaneously, by making the same assumption stated previously —the equality 
of the two monorsotopic fri igmentation patterns 

In the normal spectrum the ratio of (m/e 10)/(m/e 11) equals 0-263 (1-04/3-96), me: ining that the 


effective '"B/"'B ratio here cannot be less than 0-263. This indicates thi 


t the effective ratio here is 
not the same as in the principal range. (A similar effect is mentioned by ‘De BELER ef al., for penta- 
borane and deuterodiborane.) Comparison of several spectra indicates best results when 
0-265 is used for Me,"B 


rhe calculated contributions from the various fragments in this range, as well as the other ranges. 
5 


a ratio 


are listed in Table 2. For comparison we have included previously reported values 
Half peaks. \n the spectra of both compounds some small peaks at half-integral m/e 


evident, notably at 18-5, 19-5, 24-5 and 25-5 (see Table 1) 


values are 
These are due to doubly charged fragments 


(see Table 3). It is evident that some doubly char: ged fi agments contribute to integral m/e values. 


ind these contributions were subtracted before the monoisotopic strippings in the previous sections 
were performed 


Vetastable transitions. In addition to half-i itegral peaks there are some metastable peaks in 
the range m/e 34-43. These fragments exhibit an apparent mass, WV equal to M,*/M,, where M 
is the mass during passage through the electrical field. and M, is the mass ifter dissociation." 
rhere is reported'**’ an empirical intensity rule: The height of the n table peak depends on the 
tensity of both Vf ind Vf the meta table transition is observable only vhen both VW. and VU 
nave an intensity greater than 5 per cent of the maximum peak 

Table 4 lists the probable transitions responsible for these peaks. No attempt is made to account 
for peaks of doubtfu cxrstence It should be nm ted that the most ntense n table peaks 6 in 

he enriched and 37 in the normal compound, are accounted fo transition No. 5, where M 

ind Mf epresent the two most common f agments Most of the others late the 5 per ce t mtensity 
¢ (since only four peaks in the entire spectrum have an intensity er than 5 per cent). Ou 

yvesied tran the kk ss of either one or two hydr wens H VOVE rccordir » BLoom 

et ¢ the loss of only one hydrogen is very rare for hyd ocarbon uch would tend to fa 

transitions Nos. | and 3, rather than their alternatives. 2? and 4 

Vonvoisotopik spectrum of B}CD.) 

Fragments of ''BC,D, conveniently alternate with '°BC.D. fraen ents at the various m/e values 
Hence, it should be an easy matter to obtain the monoisotopic spect { the deuterated compound 
if the sample were not contaminated by a small amount of protonate ompound. Howeve i 
small amount of BC.D.H complicates matters, since its fragments ct ibute to all peaks. (More 
highly protonated compo inds are neg gible ) 

To overcome this difficulty we first made the following assumptions regarding the fragmentation 
pattern of BC,D,H, viz. (a) the C-H bond breaks twice as easily as a C-D within a CD, group and 
(b) that all B~C bonds rupture with equal ease, disregarding any difference between CD, and ¢ DH 
groups. As discussed later, these weighting factors are based on values obtained in previous work 


with deuterated hydrocarbons. The simple assumption of a two-to-one probability is a sufficiently 


J. A. Hippce and BE. U. Connon, Phys. Re 68, 54 (1945) 
J. A. Hippie, R. E. Fox and E. U. Connon. Phys. Re 69, 347 (1944 
E. G. Bloom, F. L. C. E. Wise and E. J. Wetts. J. R \ 43, 645 (1949 
E. G. BLoom, F. L. Monter, J. H. Lencet and C. FE. Weise. J A \ B Sta 40, 437 (1948 
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Taste 2 


MONOISOTOPIC SPECTRA 


BICD,), 


and *°B(CH,), 


Mon 


rel. sens 


of 100 peakt 


H 
H, 


0-20 


3-92 
BH 0-29 0-2 
BH, 3-18 2-65 
03 
0-4 


0-05 
0-05 
0.55 


0 


0-02 


BCH 0-22 0-16 0-16 
BCH 0-86 0-90 and 0-772 0-27 
BCH 2-52 +15 4-69 
HBCH 3-08 7-3 and 6-7 
H,.BCH 0 0-17 and 1-152 
BC 0-13 0-17 0 


1-19 
10-4 
BC..H 1-64 2-848 
100 
0-02 


0-03 
0-36 
1-20 
BC.H, 0-72 1-41 1-72 
BC.H, 0-45 0-82 1-01 
0-03 
0-76 
0 
0-04 


1-25 


rrected for *°C content. 
> Value in Me B 


Assumed value, as basis for cz 


alculation. 
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224 2-04 
= 1-4 
4 0-13 
0-22 0-63 
CH 0-46 | 1-84 
CH, 1-53 0-51 
CH 4-78 3-46 
a CH, 0-12 = 2-64 
BC 0 0 
a 1-23 
9-01 
1-86 
4 100 
H - 
a * Sce reference 11 
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TABLE 3.—-MONOISOTOPIC CONTRIBUTIONS OF DOUBLY CHARGED FRAGMENTS 


“BICD,), BICH,) “BICH,), 


(me) (me) (me) 


I ragment 


TABLE 4.—-PROBABLE METASTABLE TRANSITIONS 


Transition 


“BICD,), 


close approximation, since the hydrogen content is very low and anv issuMption in this regard has 


very little effect on the resulting calculated monoisotopic spectrum. In al! other respects the pattern 
of BC,D.H was equated to that of BC,D, 

Fig. | shows the relative abundances of the BC,D.H fragments in the principal mass group 
In all cases it is assumed, as implied above, that the sum of the two fragments of the type BC,D, 
and BC,D,_,H is equal to the abundance of the BC :D, fragment produced from BC,D,, at like 
partial pressure 

After establishment of a pattern for BC,D,H, its concentration must be determined. However. 
this cannot be determined without knowledge of the '*B/"'B ratio, and vice versa. To resolve this 
dilemma, we assume a '*B/''B ratio equal to that found in Me,"B—0-2425 for all mass groups 
except the lowest. Then the most accurate determination of the BC.D.H content can be made 


where the observed peaks are largest—at m/e 47 and 46. This calculation indicates that 4:14 parts 
of BC,D.H are contained in the sample (vs. 98:10 parts of BC,D,), or 4-05 per cent, representing 
an overall deuterium concentration of 99-55 per cent 

It is now a straightforward matter to obtain the monoisotopic spectrum. Even in the low mass 
range there is no difficulty, in contrast to the two previously discussed samples. However, a simple 
calculation relating m/e 10 and 11 shows that the apparent '*B/''B ratio in this range equals 0-259, 
in good agreement with 0-265 in the same range in the protonated compounds. 


97 
BCH 125 
BCH, 14-5 
BC.H 18-5 
BC,H, 20-8 18-5 19-0 
BC.H, 19-0 19-5 
2 BCH, 23-5 
BC,H, 25-5 24-0 24:5 
BC,H, 26-5 24:5 25-0 
is BC,H, 27-5 250 25-5 
BC,H, 28-5 25-5 26-0 
“BICH,), 
ol. 
11 
959 (1) H,BC,H, BC,H, 43-3 38-1 39:1 
(2) BC,H, 43-1 38-0 319-0 
(3) HBC,H, BC,H, 413 37-1 381 
(4) BC,H, -+ BC,H, 41-1 37-0 38-0 
(S) BC,H, 39-3 361 37-1 
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(CD,),B(CD,H) 


(1-00) 
1/3 
\ 
(0-667) BC.D.H (0-333) 


(0-476) (0-524) 


BC,D,H (0-683) 


v v 
(0-190) (0-810) 


(0-095) BC,DH (0-905) 


(0°032) BC.H (0-968) 


\ (1-00) 
BC, 


Fic. 1.—Relative fragmentation probabilities for the 
principal group of BC,D,H 
Numbers along the arrows indicate relative fragmentation probabilities; numbers in paren- 
theses indicate relative contributions of BC,D, and BC,D,_,H. 


This method of calculation yields small residues, all positive, at approximately every other m/e. 
Some of these can be explained reasonably as impurities. Residues of 0-28 and 0-18 at m/e 42 and 
40 are conceivably some sort of hydrocarbon. In that case, part of the m/e 43 peak would also 
contain some impurity, resulting in a monoisotopic BC,D, value somewhat lower than our reported 
8:21. The only really large residue (1-2) appears at m/e 30, with 0-56 at m/e 28. This was tentatively 
accounted for as silane. This then leaves a residue of only 0-3 at m/e 28, which might be a very 
slight trace of ethane or nitrogen. All other residues are negligibly small—of the order of 0-1 units 
or less. Assumption of a slightly larger '’B/"'B ratio (e g. 0-250) would decrease these residues slightly, 
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but would not eliminate them entirely. Under the circumstances we do not feel justified in assuming 
an apparent '’B/''B ratio different from that in Me,"B (0:2425) 

The monoisotopic spectrum is reproduced in Table 2 

In Me,B-d, all doubly charged ions of the "BC D, type will appear as half peaks, i.e., at non- 
integral m/e values, and are thus uniquely identified (see Table 3). Since these are all small (0-06 
or less), any correction at integral values of m/e for '°BC,D, or “BC \D.H fragments may be 
neglected. Metastable transitions are listed in lable 4 


DISCUSSION 
Me,"'B and Me,"B and the boron isotopic abundance ratio 


Although our polyisotopic spectra are internally consistent, agreement with 
previously published results is only fair (see Table 1). Results obtained on the same 
make of instrument') agree more closely with ours than do the others.“”” The 
latter spectrum is contaminated to a considerable extent with such impurities as 
water, nitrogen and carbon dioxide. In general, both previous papers report some- 
what smaller peaks in the low mass range. In the other ranges the largest discrepancies 
occur at mass numbers 27 (where we report 7:3, L&M 7-4, TSS 0-05) and 56 (1-20. 
1-4, 2:57). m/e 27 is also the point at which a small difference between our Me,"B 
and Me,"°B spectra occurs (see below). 

Part of the difference between ours and the one previously published monoisotopic 
spectrum‘ is due to our use of a higher "B/"B ratio (0-2425 ys. 0-238). Furthermore, 
the previous authors ignore all H-B rearrangement fragments. We, on the other 
hand, have considered rearrangements (of hydrogens attaching themselves to the 
central boron atom) resulting in a maximum of four atoms attached to boron. The 
observed rearrangement peak heights are generally compatible (except for H,"°BCH,*) 
with the “even electron” theory," i.e. the most stable rearranged fragments are 
those with an even number of electrons HBCH,* (ca. 7 per cent) and H,B* (2-6 
per cent). 

The formation of hydrogen molecule-ions at m/e 2 also represents a rearrangement, 
since simple bond rupture would result only in hydrogen atoms. The relative intensity 
of this peak (0-2) is of the same order of magnitude as those reported for methane?” 
(0-35) and ethane“ (0-30), but less than that for diborane'* (2-7). 

[he monoisotopic spectra from isotopically normal and from the various B- 
enriched samples of trimethylborane are in excellent agreement, except at the few 
places mentioned below. In general, this agreement is within 2 per cent. 

Notable variations between our Me,"'B and Me,'°B spectra occur at the peaks 
for BCH, (0-90 vs. 0-77), HBCH , (7:3 vs. 67), and H.BCH, (0-14 vs. 1-15). It is to 
be noted that these are all within the same mass range. In order to reduce the first 
value of BCH, to 0-77, we would have to use a value of ca. 0-28 for the B/"B ratio, 
an unlikely situation, since even in the low mass range the value is only 0-26. These 
discrepancies then represent real differences in the fragmentation patterns of Me,""B 
and Me,"°B. 

It is significant that the two largest differences occur for rearrangement peaks, 
i.c., for peaks where boron hydrogen bonds are made, thus involving the boron 
atoms directly. On the other hand, where only carbon hydrogen bonds are broken, 
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the patterns seem to be independent of which boron isotope is attached to the carbon. 
Thus we have support for the assumption used in calculating the monoisotopic 
patterns—namely, general equality of fragmentation for Me,"'B and Me,'B. 

It should be noted that H,BC,H, = 0 was one of the assumptions in stripping 
the principal region of the normal compound. If this is not precisely true then the 
value for HBC,H, should be reduced slightly, but there would be no other effects. 
However, in stripping Me,"°B we transferred the value (0-2) for HBC,H, obtained 
from the normal compound. A smaller value (e.g. zero) would have raised the 
"'B/'°B ratio insignificantly. 

A similar assumption was used (see the foregoing) in adjusting the calculated 
B/"'B ratio for Me,"B: It was assumed that the BC,H, fragments in Me,"B and 
Me,;"°B were both equal to 2-8 units. An error here of one unit (an improbably 
large change!) would produce an opposite change of 0-01 units in the “B/"B ratio. 

A further source of error must be considered—mass discrimination in the spectro- 
meter.'**’ Below ca. m/e 28, under the instrument conditions used, this error is 
effectively zero. But above that value the instrument's collection efficiency is reduced 
by ca. 0-4 per cent for the next higher mass unit. Thus our B/"B ratios are too high 
by 0-4 per cent—an insignificant amount (0-2425 would change to 0-2415). 

In the case of Me,B-d,, the °B/"'B ratio and the hydrogen content are closely 
interrelated, and we were not able to determine them independently (except in the 
low mass range). However, the calculated monoisotopic spectrum depends only 
very slightly on either of these two values. 

This now brings us to the significance of the calculated B/"B ratios for the iso- 
topically normal compound. Our value, 0-2425 (19-52/80-48), obtained from the 
principal range, differs significantly from the generally accepted value 0-232 
(18-83/81-17). As previously pointed out by work from this laboratory, the ratio 
does not necessarily represent the true abundance ratio, but includes a correction 
factor that takes into account the differences in fragmentation for the various isotopic 
species on electron impact. 

Thus there is no reason to expect that this apparent ratio should be the same in 
the principal range, where one B-C bond has been broken, and in the other ranges 
where three, two, or no B-C bonds have been broken. Unfortunately, we are not 
able to calculate a more accurate ratio in the latter two ranges, where the peaks are 
quite small, but we are able to arrive at an independent value in the low mass 
range—'B/"'B equals 0-265 (0-259 for Me,B-d,). A similar observation was made 
in the case of B,D," and B.H,,"*) where ratios of 0-250 in the principal range and 
0-26 in the low mass range are reported. A reasonable) explanation for our case 
would be a greater resistance to fragmentation of the ''B-C bond than of the “B-C 
bond. This would result in an enrichment of BC,H* fragments (i.e. raising of the 
apparent '’B/"'B ratio). It might be expected that this effect would be more pro- 
nounced in the low mass range, where more B-C bonds are broken. 

It can be shown that the general assumption of equality of patterns not only 
leads to an apparent, i.e. “adjusted”, isotopic abundance ratio, but likewise yields 
an “adjusted” over-all pattern, which is not related in any simple manner to the 


2°, C. E. Berry, Phys. Rev. 78, 597 (1950) 
'*' A. G. Gaypon, Dissociation Energies and Spectra of Diatomic Molecules p. 196. Dover Publications, 
New York (1950) 
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pattern of either isotopic species. We therefore attempted, unsuccessfully, a calcula- 
tion involving a “true” 'B/"B ratio (identical for all mass ranges) but with a different 
“sensitivity factor” for each range. This type of calculation would have had the 
advantage of yielding a true isotopic abundance ratio, a true pattern, and sensitivity 
factors with simple physical meaning. Inaccurate pressure readings, undetected 
impurities, and inherent experimental uncertainty are some of the possible reasons for 
failure of the equations to converge to a solution in the present problem. Possibly 
the biggest flaw may be a faulty assumption—the Me,"'B and Me,'°B patterns may 
not be equal at all in the low mass range, where B-H bonds are made, analogous to 
the BC, range, previously discussed. However, we feel that at some future date such 
an approach, applied to other problems, might yield useful results. 

Me, B-d, 

A further set of values should be examined, viz., the actual numbers of fragments, 
by groups, for each species. An indication may be obtained by summing the un- 
normalized polyisotopic spectra, or, which is equivalent, summing the normalized 
spectra and multiplying by the relative sensitivities (see second line of Table 1). The 
results indicate that Me,B-d, yields slightly more fragments than Me,"B—329 vs. 321, 
a difference of about 2} per cent. When mass discrimination?” against the heavier 
Me;B-d, is taken into account, this difference becomes almost 5 per cent, which 
may yet be within the experimental uncertainty. One would expect the same ioniza- 
tion probabilities and therefore the same total number of fragments, since electronic 
configurations of isotopic compounds are identical to a high degree of approxima- 
tion. 

More insight may be gained by examining the monoisotopic fragment-totals, 
listed by mass groups in Table 5. These have not been adjusted for mass discrimina- 
tion (ca. 2 per cent). First of all, it is interesting to note that in the only group in 
which the patterns of Me,"'B and Me,"°B differ, in the BC, group, the total numbers 
of fragments are identical. Thus, Table 5 lists only one set of totals for the protonated 
compounds. 

Again, the Me,B-d, grand total is ca. 2-8 per cent greater. A mass discrimination 
correction brings this up to nearly 5 per cent. It still is questionable whether this is 
significant. Nevertheless, other relationships stand out clearly. The BC, and BC, 
groups of Me,B-d, are much smaller, while the B C, and the BC, groups are larger 
than their counterparts in Me,"B. The H,/D, fragment ratio (0-65) is the same as 
that for methane." 

In order to understand the implications of these relations, an examination of 
similar relations in simpler compounds is in order. It has been shown in the case of 
methane that partial deuteration results in mass spectra which can be explained at 
first approximation by a two-parameter theory."”) The C-D bonds fragment ca. 0-6 
times and the C-H bonds 1-2 times as easily as the C-H bonds of CH,."’ One might 
say that the C-D bonds have been strengthened at the expense of the C-H bonds. 
Various authors report slightly different values for these parameters.” In addition, 
they seem to vary, depending on the compound in question, the amount of deuteration, 
and the number of hydrogens (or deuteriums) removed to form the fragment in 
question.’ One group attempted to express all these variations as positive an 
negative powers of a single parameter and applied this with some success to ethyler 
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and acetylene. These effects have been explained only qualitatively for molecules 
larger than triatomic. 

It has additionally been found"* that the C-C bond in hydrocarbons is weakened 
upon deuteration, i. e. the C-X bond is weaker in D,C-X than in H,C-X, where X 
can represent any other atom, including hydrogen. Applied to our compounds, 
this would mean a weakening of the B-C bonds with a corresponding strengthening 
of the C-D bonds. This results in a general lowering of the parent group ratio 
(Me,B-d,/Me,"B is 0-6) and a raising of the principal (BC,) group ratio (1-06, see 
Table 5). A breakdown of the latter group Is even more revealing: The principal 
peak (BC.H,), where only a B-C bond has been broken, has a ratio of 1-10 (1-12 
after a mass discrimination correction), while the other peaks, where C-D bonds are 
also broken, cluster around a ratio of 0-8 (see Table 2). It should be noted that the 
B-C rupture ratio of 1-12 is very similar to that for C-C in propane“? (1-1—1-3). 


TABLE 5.—TOTAL NUMBERS OF FRAGMENTS BY GROUPS 


B(CD,),* B(CH,), Ratio 


<B 1-12 
>> oF 7-82 4-37 1-79 
16°24 11-84 1-37 
7-35 12-10 0-61 
SBC, 131-6 124-8 1-055 


=BC, 
Total? 


* Adjusted by relative ser sitivity correction factor of 2-24/2-04 
* Exclusive of H, and H 


[he issue is somewhat obscured in the BC, group, where the over-all ratio drops 
to 0-6. The ratio actually is lowest (ca. 0-45) for the rearranged fragment HBCH,. 
(The D,BCD, peak equals zero.) This can be made plausible in two ways: First 
of all, each rearrangement is coupled with a C-H bond rupture (less probable for 
C-D): secondly, the lower vibrational amplitudes of the D atoms do not bring them 
as close to the B atom and thus further decrease rearrangement probability. BCD, 
also is lower than BCH, (ratio of 0-8), which might be taken as an indication that 
part of it also represents a rearrangement fragment, viz. HBCH,. It is not clear w hy 
in this group H,'°BCH, is favoured over H,"'BCH,, but vice versa for HBCH.,,. 

The high value for the C, group (1-8) again is evidence of the weakening of the 
B-C bonds. However, we do not understand w hy the ratio should increase for the 
lower members of the group (CH,, CH, C). (The lower ratio for the small rearrange- 
ment fragment CH, is as expected.) Nor is it apparent to us at this time what the 
reasons are for the relationship in the B, group. It should be pointed out that in 
the low mass region there is a large uncertainty in the reported monoisotopic spectrum 
for Me,"'B and Me,'°B. The calculated spectrum Is of necessity based on the assump- 
tion of equality of patterns, which may not be proper for these rearrangement peaks. 
(See the BC, range!) 
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The low ratio (0-8) for the (small) parent peaks needs to be explained. Here no 
fragmentation of any kind is directly involved. As stated previously, the initial 
number of excited ionized particles should be identical for isotopic compounds. 
These then break up mostly to form fragments, especially BCH, (ca. 2 out of 3). 
Their greater readiness to lose a methyl group depletes the BC ,\D,” ions more, 
resulting in fewer “‘stable’’ BC,D,* ions than BC. sH,”. Another way of looking at 
this phenomenon is in terms of energies." [It has been pointed out that effects of 
changes in amplitude in a molecule are probably less important in determining 
dissociation probabilities than the effects of changes in zero point energy of the 
dissociation products, brought about by isotopic substitution 

Although our results are not entirely unexpected and demonstrate similar chz inges 
in fragmentation patterns upon deuteration as do some of the hydrocarbons,"?”) a 
corresponding quantitative treatment’? does not seem feasible at this time. Our 
problem is made more complex by our inability to determine whether removal of 
two or more hydrogens, even in the parent group, is from the same or different 
carbons. 

CONCLUSION 


The following main points may be abstracted from this investigation: 

1. Within our experimental error, under identical conditions. the total numbers 
of positively charged fragments produced from Me,"B and Me,'°B are identical, 
indicating equal ionization probabilities for the two isotopic molecules. The number 
of Me,B-d, fragments is slightly larger, but this difference may still be within 
error limits. 

. Internal rearrangements play an important role in the fragmentation processes. 


Generally, these are in accord with the “even electron” theory. 

3. The only differences in the spectral patterns of Me,"'B and Me,'°B are in 
their rearrangement fragments, which involve formation of B-H bonds. 

4. The Me,B-d, pattern differs considerably from the other two. Most changes 
can be explained satisfactorily. 

5. A normal “B/"B abundance ratio of 0-242 is calculated for the principal 
range of Me,"B, while a ratio of 0-265 and 0-259 must be used for the low mass 
ranges of Me,"B and Me,B-d,, respectively. Probably none of these values represents 
the true boron isotopic abundance; instead, they are only apparent abundance ratios 
which include adjustment factors that take into account the differences in fragmenta- 
tion for the various isotopic species. 

6. It is proposed that the above apparent ratios may actually be resolvable into 
true abundance ratios and sensitivity corrections which take into account pattern 
changes in isotopic compounds. 
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Abstract—The vapour-pressures of NpF, and PuF, have been measured from 0 to 77 C with a quartz 
sickle-gauge. The data have been fitted to interpolation formulas from which the triple points, 


55-10 ¢ 58-0 mm Hg for NpF, and 51-59 C, 533-0 mm Hg for PuF,, and boiling points, 55-18°C 


for NpF, and 62-16 C for PuF,, have been calculated. The derived heat and entropy of fusion for 

NpF, and PuF, are 4198 and 4456 cal mole! and 12-79 and 13-72 cal mole™' deg™' respectivel 

Upon comparison with UF, several anomalies appear which are discussed and partially explained in 

the text. The heats of sublimation and vaporization of UF,, NpF, and PuF, are calculated from 

273-15 to 350°K. Satisfactory agreement with the Third Law of thermodynamics is obtained from 


the thermodynamic data of UF,. The heat of vaporization of UF, at 0 K is calculated to be 12965 


cal mole using the value of / 3-6 10° T * cal mole”' (mm Hg)! for the second virial- 
coefficient and a new assignment for the fundamental vibration frequencies of UF.: 1 667, ¥, 
535, 1 623, 1 IS], 3 202, and ; 140 cm The vapour-pressure of UF, at OC is 


remeasured to be 17-65 mm in agreement with a thermodynamic calculation 


THe hexafluorides of uranium, neptunium, and plutonium form an interesting sequence 
of compounds of almost the same molecular weight but differing from one another in 
electronic structure by a single 5f electron. The analysis of their vibrational spectra 
has shown all three molecules to have the structure of a regular octahedron symmetry, 
O,.") and a similar conclusion can be drawn from electron diffraction measure- 
ments. X-ray diffraction measurements on the three solids show them to be 


isostructural with orthorhombic holohedral symmetry, space group D})-P 

The presence of zero, one and two non-bonding 5/ electrons in UF,, NpF,, and PuF, 
respectively, however, lead to differences in some properties of the three molecules. 
Thus, both NpF, and PuF, have absorption bands"? in the visible and infra-red that 
are due to electronic transitions not possible for UF,. NpF, is paramagnetic'”’ but 


both UF,'” and PuF,"'® show only second order paramagnetism. 


* Based on work performed under the auspices of the U.S. Atomic Energy Commission 
* On leave from Wabash College, Crawfordsville, Indiana 
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Reliable heat capacity measurements have been made with | FF," but not with 
NpF,, because of the relatively small amount of neptunium available nor with Pul 
due to the difficulties of self heating and radiation decomposition arising from its 
radioactivity. The present paper deals with measurements of the vapour-pressure of 
NpF,, and PuF, which have been made with enough accuracy to be of interest in spite 
of the previously mentioned limitations. 


VAPOUR-PRESSURE MEASUREMEN rs 
The vapour-pressure measurements were made with a quartz ‘sickle’-gauge used as a null 
instrument (Fig. 1). The quartz sickle-gauge was constructed in the manne: described by Puipps ef 
al.» with the modification that a restraining ring was provided to limit the motion of the pointer in the 
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event that the gauge was accidentally subjected to excessive pressure differences. In this way gauges 
were constructed that would withstand a pressure difference of one atmosphere in either sense thout 
breaking. The sickle was enclosed in a quartz envelope that was connected to a manifold lead ng toa 
19 mm internal diameter precision bore mercury manometer. a dry nit gen supply and a vacuum 
pump. The sickle was connected to a ? in high pressure Monel tubing system through a graded glass 
to Kovar seal This system was connected to the hexafluoride Storage am purification apparatus 
through a three-way high pressure valve. The hexafluoride was condensed in a 7 in long section of the 


"' F. G. Brickwepoe, H. J. Hooe and R. B Scort, J. Chem. Phys. 16, 42 
T. E. Pures, M. L. SPEALMAN and T. G Cooke, J. Chem. Educ. 12, 321 
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tin. Monel tubing that was of reduced wall thickness (0-035 in.) and whose end was welded shut. 
rhe lower 6 in. of this tube was immersed in a thermostated water bath and was encased in a } in. 
thick copper sheath. The over-all volume of the hexafluoride vapour-pressure system was 20 cm’. 
The temperature of the water bath was determined to + 0-005°C with a ten junction copper con- 
stantan thermopile that had been calibrated against a Bureau of Standards platinum resistance 
thermometer. 

Except for a 3 in. length of tubing above the water bath the remainder of the vapour-pressure 
apparatus was enclosed in a heated transite box. The portion between the water bath and the transite 
box was provided with an auxiliary electrical heater. The positions of the gauge pointer and fixed 
index were viewed with a Gaertner travelling microscope through a window provided in the transite 
box. The pointers were illuminated with a small yellow spotlight through another window in the side 
of the box. The vernier scale of the microscope could be read with a sensitivity that corresponded to 
a displacement of the pointer of 10-* mm. The mercury manometer was read with a Wild cathetometer 
with a precision of . 0-01 mm. The sensitivity of the gauge was 0-02 mm Hg per vernier scale division 
so that the pressures could be read with a precision of 0-02 mm Hg. 

Prior to admitting the hexafluoride the system was treated with hydrogen and fluorine and 
thoroughly degassed by pumping and heating. The preparation and the method of purification of the 
NpF, and PuF,''* that were used in these experiments have been described previously. An 
additional test for the presence of impurities was made by the comparison of the vapour-pressures of 
successive fractions obtained by fractional sublimation. 

[he vapour-pressure measurements were made by a null method. The zero point of the gauge 
was determined while pumping on both sides of the sickle and remained stable over long periods of 
ume. In determining the vapour-pressures, the movable pointer was adjusted closely toits zero position 
with the nitrogen balancing gas. Any small deviations from the null position were corrected for by 
linear interpolation between two different balancing pressure settings. Vapour-pressure determina- 
tions were made in series in which the temperature was both increased and decreased between 
measurements. The temperature of the transite box was regulated at values from 80 to 110°C for the 
vapour-pressure measurements above room temperature and between 25 and 45°C for the measure- 
ments below room temperature. The centre of the exposed section of tubing was kept at a 
temperature intermediate between the box and thermostat 

A major difficulty in the measurements arises from the radiation decomposition of PuF, into PuF, 
and | The rate of decomposition in the solid is 1-5 per cent per day and is less than this in the 
vapour dependent on the pressure and geometry.''*’ By the use of minimal quantities of PuF, in each 
pressure range the uncertainty arising from this effect was reduced. No such difficulty is present with 
NpF,, but in the higher pressure points evidence of photochemical decomposition''*) was observed. 
The amount of F, gas in the system was determined at the end of each series of points and corrected 
for by assuming the rate of buildup was linear with time and that the F, was uniformly mixed in the 


vapour phase. 
VAPOUR-PRESSURE RESULTS AND CALCULATIONS 

The vapour-pressure data for solid and liquid NpF, and PuF, are given in Table 1. 
The temperatures are given in degrees absolute with the icepoint taken at 273-15”. 
The pressures have been corrected for the radiation and photochemical decomposition 
where applicable and are given in mm Hg at 0°C and standard gravity. The data are 
summarized by the following equations 


Solid (0°-55-10°C) 


2892-0 
Liquid NpF, (55-10°-76-82°C) 
1191-1 
Log P ——— + 2°5825 log T +- 0-01023 (2) 


J. G. Mato, B. Weinstock and E. E. Weaver, J. Phys. Chem. 62, 1506 (1958). 
“* B. Weinstock and J. G. MAL, J. Inorg. Nucl. Chem. 2, 380 (1956) 
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TABLE 1.— VAPOUR-PRESSURE OF NpF, Anp PuF, 


NpF, 


Observed 7 Observed 


pressure Poos — Pear pressure Po Pes 
( K) (mm Hg) (mm Hg) (K) (mm Hg) (mm Hg) 


Solid Solid 


273 17-9 03 
279-42 33-4 0-4 279-37 28-8 0-6 
282-57 3-3 0-5 283-43 38-0 0-0 


285-37 52:1 0-4 283-92 40-2 0-8 
287-36 60-9 0-3 287-89 
290-24 74:3 0-1 288-26 §2-9 0-7 
295-74 108-2 0-1 292-46 70-5 1-2 
302-93 172-1 0-6 292-9] 71-7 23 
307-98 237-6 0-8 293-54 77-7 0-5 
309-52 262-4 21 296-28 90-0 2-8 
311-78 297-4 0-9 297-01 94-3 3-2 
311-86 298-9 0-8 300-89 128-1 2-4 
314-62 353-7 0-7 303-00 145-3 1-2 
317-15 407-4 1-5 305-67 173-2 2-5 
319-30 462°-5 309-47 219-0 2-6 
322-16 543-7 0-2 312-74 266°1 1-8 
324-60 622-0 0-0 312-96 267-2 0-6 
326-06 675-0 1-3 315-77 18-0 2:7 
327-25 717-9 0-5 318-28 371-2 3-7 

319-00 381-9 1-4 


323-18 483-0 


iquid Liquid 


330-13 806-1 0-7 325-18 $43-6 2-3 
333-15 891-2 0-7 328-3 597°8 5-2 
334-47 931-8 23 330-45 650-3 9-7 
336-76 999-3 0-9 335-22 760-6 2-6 
338-61 1059-9 0-6 336-25 5-7 
341-11 1146-5 0-6 339-32 866-9 23 
343-86 1247-8 1-0 343-01 972:1 2:2 
345-08 1294-4 1-9 344-45 1014-5 0-7 
346-03 1332-0 2°5 347-45 1111-1 0-5 


349-97 1504-9 2-7 350-32 1207-5 2-4 
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Solid PuF, (0°-51-59°C) 


2095-0 
Log P 7 3-4990 log T -- 0-39024 


Liquid PuF, (51-59°-77-17°C) 


1807-5 
Log P — 1-5340 log 12-14545 


The equations were derived by the method of least squares in which the deviations 
in T were minimized. This was done by weighting each term by P(dT/dP) before per- 
forming the least squares treatment. Also tabulated in Table 1 are the differences 
between the observed pressures and those calculated from the above equations. 


32 33 
x 109 
FiG. 2.-Vapour-pressures of UF,, NpF, and PuF,. 

The vapour-pressures of NpF, and PuF, are compared with UF, in Fig. 2 where 
log P is plotted against the reciprocal of the absolute temperature. The vapour- 
pressure of UF, has been reported by Rurr and HeINZELMANN,® WEINSTOCK and 
Crist et al. (22-3°-47-0°C),"” and Otiver et ai. 
(0 -229-11°C)."* With the exception of the original measurements of RurF and 
HEINZELMANN, the three subsequent researches have yielded data in good agreement 
with one another and would be indistinguishable in Fig. 2. The measurements of 
OLIVER et al. cover the greatest range and are of high precision and will be used for 
the computations that will be subsequently made in this paper. The value of the triple 
point, 64-02°C, that is calculated by OLIveR et a/. is slightly in error. A solution of their 
equations gives 64-05°C in agreement with the directly determined value, 64-052°C, of 
BRICKWEDDE et 


O. Rurr and A. HEInZELMANN, Z. Anorg. Chem. 72, 63 (1911). 
B. Weinstock and R. H. Crist, J. Chem. Phys. 16, 436 (1948) 

"C. B. Ampuiett, L. W. MULLINGER and L. F. THomas, Trans. Faraday Soc. 44, 927 (1948) 
G. D. Otiver, H. T. Mivton and J. W. Grisarp, J. Amer. Chem. Soc. 75, 2827 (1953). 
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The values of the triple points of NpF, and PuF, have been determined by solution 
of the vapour-pressure equations and are compared with UF, in Table 2. The temp- 
eratures of the triple point that we have obtained directly in thin walled X-ray capil- 
laries are 54-4°C for NpF," and 50-8°C for PuF,." In view of the difficulties 
presented by radiation and photochemical decomposition of these compounds, it is 
probable that the values derived from the vapour-pressure data are more reliable. 
Also included in Table 2 are the sublimation point of UF, and the boiling points of 
NpF, and PuF,. 


TABLE 2.—PHYSICAL PROPERTIES OF UF,, NpF, aAnp PuF, 


Boiling or Heat of Entropy of 
sublimation Triple point fusion fusion 


point 
(C) (cal mole") (cal mole™ 
(mm Hg) deg™') 


UF, 13-61 
NpF, 12-79 
PuF, 13-72 


In the final two columns of Table 2, the heats and entropies of fusion for UF,, 
NpF, and PuF, are tabulated. For NpF, and PuF, these values were derived from 
the differences between the calculated heat of sublimation and vaporization at the 
triple point. The values tabulated for UF, are the more accurate directly measured 


ones although those obtained from the difference between the calculated heat of 
sublimation and vaporization, 4555 cal mole! and 13-51 cal mole~' deg™ are in good 


agreement with these. 
The heats of sublimation and vaporization for the three hexafluorides were cal- 
culated from the relation 


AH =T(V, ) (5) 


where the slope of the vapour-pressure curve, dP/dT, was evaluated from the vapour- 
pressure equations; the volume of the gas, V,, was evaluated using the BERTHELOT 
equation of state with the critical constants of UF, for all three compounds; "'*) the 
density data for UF, was used to obtain the volume of the condensed phase, !., for 
all three molecules.” The results are shown in Fig. 3 where the heats of sublimation 
(left-hand scale) and heats of vaporization (right-hand scale) are plotted against the 
absolute temperature. 
DISCUSSION 

The vapour-pressure of PuF, has been reported previously by FLORIN et al.‘ from 
0° to 63°C and there is general agreement between their results and those reported 
here. A more detailed comparison is not possible because their actual data are not 
reported but are fitted to the approximate relation: 


log P = A/T + B. (6) 


“&*) H. Hoce and M. T. Wecuster, J. Chem. Phys. 17, 617 (1949). 
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In the liquid range their equation gives vapour-pressures that are 8 mm lower than 
our equation at the triple point and 4 mm lower at 63°C, the highest temperature of 
their measurements. In the solid range more important deviations occur between 
their equation and the data reported here but this discrepancy is not entirely real. In 
the derivation of their equation they excluded their data below 18°C because of the 
deviation of these points from the straight line plot of log P against the reciprocal 
temperature. The actual points shown on their graph that they have discarded appear 
to agree more closely with our data than their equation does. 
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Heats of sublimation and heat of vaporization of UF,, NpF, and PuF, 


In Table 2 the triple points were seen to decrease in the order I F, NpF,, and 
PuF, and in Fig. 2 the relative volatilities of the three liquids were seen to decrease in 
the same order. The relative volatilities of the three solids however exhibit a more 
complicated behaviour with NpF, showing the greatest volatility over the measured 
solid range. This behaviour of the relative volatility and melting points of the 5/ 
transition series hexafluorides is different from that of the hexafluorides formed by the 
5d transition series elements. In the latter group, the melting points increase regularly 
with increasing atomic number and atomic weight from WF, to PtF, and the relative 
volatilities of both solid and liquid decrease in proceeding through the series."2" This 
is the usual result with the more volatile compounds having the correspondingly lower 
melting points. 

In attempting to understand the more complicated behaviour of the 5f series hexa- 
fluorides, effects with opposing tendencies will have to be found. The contribution of 
the mass will be small since 25°U. 23'Np and **Pu are the principal isotopes involved. 
Electron diffraction measurements with the vapours show the metal to fluorine 
distance in the molecule to decrease continuously in the order U-F 1-994 A, Np-F, 
1-981 A and Pu—F, 1-969 A.@ X-ray diffraction measurements with the solids show 
NpF,‘* and PuF,® to be isostructural with the orthorhombic structure of UF,. On 


E. Weaver, J. G. and B. Wernstoc K, To be published. 
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the basis of visual examination of X-ray patterns obtained in this laboratory the cell 
dimensions for PuF, appear to be only slightly smaller than those for UI g. (of the 
order of a few thousandths A), while the quality of the patterns for NpF, do not permit 
any distinction in size to be drawn between NpF, and either UF, or PuF,"! 

The almost constant unit cell dimensions for the three solids in spite of the 
relatively large changes in molecular size found for the vapours suggest that there is a 
change in the van der Waals binding in the solids. From this one would deduce that 
the depth of the potential well decreases in going from UF, to PuF, and in that fashion 
explain the corresponding decrease in melting point. However, such a decrease in van 
der Waals binding also predicts a corresponding increase in vapour-pressure which is 
not the case. 

There is the possibility that changes in the internal energy of the molecules occur 
that compensate for the decrease in van der Waals binding and lead to a decrease in 
vapour-pressure. From the vibrational spectra of the vapours a continous decrease in 
the vibrational contributions to the free energy function, —(F E, ),/T. is observed 
in the order UF,, NpF, and PuF,. If this effect were not completely cancelled out 
in the condensed phases, it could explain the decrease in vapour-pressure. Some 
evidence for this possibility already exists. In the original vibrational spectra measure- 
ments with UF," the Raman active frequencies , and », were found to be 656 and 
511 cm™' respectively in the liquid as compared with 667 and 535 cm™! currently found 
with the vapour, whereas the values obtained for v, and v,; from a solution of UF, in 
C;Fi¢ agree with vapour values.’ Furthermore, as the temperature decreases and 
the vibrational contribution becomes smaller this effect would become less important 
and a crossover of the solid vapour-pressures could occur as observed with solid UF, 
and PuF, near 6°C. 

The vapour-pressure of solid NpF, however remains anomalous since these 
arguments would predict that solid NpF,, be intermediate in volatility between UF, 
and PuF, rather than more volatile than either of them. There remains the possibility 
that such anomalous behaviour of solid NpF,, is associated with its paramagnetism 
since neither UF, nor PuF, is paramagnetic. 

The entropies of fusion given for the three hexafluorides in Table 2 show values 
for UF, and PuF, that are nearly the same while that for NpF, is smaller. In addition, 
the average entropy of sublimation for NpF, is I-1 cal mole~ deg ' less than for UF, 
over the measured solid range. If these entropy effects are associated with the para- 
magnetism of NpF,, it would have the consequence that solid NpF, has a higher 
“magnetic” entropy than either its vapour or liquid. Although this conclusion cannot 
be reached with complete certainty from the present data, it is nevertheless in the 
wrong direction to explain the higher vapour pressure of solid NpF,. An increase in 
the magnetic entropy of the solid over that in the vapour would contribute to a decrease 
in vapour-pressure for the solid. To account for the observed increase in vapour- 
pressure in terms of an electronic effect we would then be reduced to suggest a per- 
turbation of the ground electronic state in the solid relative to that in the vapour that 
would lead to a reduced value of the heat of vaporization at OK. In view of the 
complexity of this problem, a final resolution of the questions raised must await 
further measurement. 


SieGet, Private communication. 
H. H. CLAassen, B. Weinstock and J. G. Mat M, J. Chem. Phys. 25, 426 (1956) 
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THERMODYNAMIC CALCULATIONS FOR UF, 

In the original examination of the thermodynamic data for UF, in terms of the 
Third Law of thermodynamics the values of S° for the vapour derived from the 
experimental measurements with UF, differed from those calculated from statistical 
mechanics by ~-0-56 cal mole"! deg™' at 273°K and —0-25 cal mole deg™ at 
348K." These discrepancies were believed to be due to the uncertainty of the 
measurements rather than to the assignment of the structure of a regular octahedron 
for UF, vapour. The questions about the assignment of the regular octahedron 
Structure to UF, have been resolved'*-® in favour of that structure so that a re- 
valuation of the thermodynamic data incorporating the latest vapour-pressure data, 
critical constants and vibrational assignments appears appropriate at the present 
time. To examine the accuracy of the data more fully, we have evaluated the heat of 
vaporization at 0K from the relation 


AH, (f Hy) (F — H,) RT In P — (F — Figen), (7) 


where the free energy function for the ideal gas at one atmosphere pressure, 

(f H,),, was calculated by the usual methods of statistical mechanics 
using 1-994 A for the U-F distance“ and the values of », = 667, vr, = 535, vr, = 623, 
vs 181, ¥; = 202 and », 140 cm“ for the fundamental vibrational frequencies of 
the regular octahedron. This choice of fundamental vibrational frequencies is dif- 
ferent than that suggested by GAUNT™*, and comes from a revaluation of the infra-red 


data of GAUNT, and BurRKE ef a/.5) based on the vapour Raman measurements of 


CLAASSEN ef al.'*) The molecular weight was taken as 352-07: the free energy 
function for the condensed phases, (/ H,,)., was taken from the heat capacity 
measurements of BRicKWeDDE ef a/."""); the vapour-pressures were calculated from 


the equations of OLiver et al."*) The results are shown as curves la and Ib in } ig. 4. 
Curve lais obtained when the Berthelot equation of state, with the critical temperature 


230-2°C and critical pressure 45-5 atm,''*) is used to calculate the gas imperfection 


correction, (/ Figeai),. Curve 1b obtained when the second virial coefficient. /. 
is taken equal to —-3-6 10° T-* cal mole™! (mm Hg) ' in the equation of state 


PV = RT + bP. (8) 


The approximate value of given by the Berthelot equation is — 3-1 10° T-*. The 
values calculated for AH,” in la decrease steadily from 12971 cal mole"! at 273-16°K 
to 12950 cal mole"! at 370°K. By method Ib, a constant value of 12965 —- 2 cal 
mole! is obtained for AH, from 280° to 370°K. 

Another evaluation of AH,” was made from the relation 


AH, AH —(H H,) (H — H,) (H — HH’), (9) 


where the heats of vaporization and sublimation, AH, were evaluated as before from 
equation (5) and the other thermodynamic quantities were derived in the same 
manner as that used above. The direct measurements of AH for UF, reported by 
Masi'**’ have not been used because they fall within an envelope as much as 200 cal 


R. GLauper and V. ScHomaker, Phys. Rev. 89,°667 (1953) 
*4) J. GAUNT, Trans. Faraday Soc. 49, 1122 (1953) 

Burke, Smitn and Niecson, J. Chem. Phys. 20, 447 (1952). 
*6) J. F. Masi, J. Chem. Phys. 17, 755 (1949). 
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mole~' wide which has as its lower limit the values calculated from the vapour-pressure 
data. The results are shown as curves 2a and 2b in Fig. 4 where the Berthelot equation 
and h 3-6 * 10° T-* are used respectively to evaluate the gas imperfection. The 


280 300 320 340 360 
TEMPERATURE, *K 


4.—Heat of vaporization at 0°K for UF,. 


TABLE 3 DIFFERENCE BETWEEN S” ror UF. Gas care ATED FROM 


STATISTICAL MECHANICS AND FROM EXPERIMEN 


Berthelot equation 


(cal deg” ' mole~') (cal deg” mole™') 


0-39 
280 0-23 0-21 
290 0-10 
0-07 
0-13 


320 0-19 
0-21 0-05 
337-212 0-18 O-18 
; 337-212 0-27 0-07 


0-29 


choice of b 3-6 » 10° T-* was made by a procedure equivalent to that of Busey 
and Giauque™* with the modification that the best fit between Ib and 2b be also 
obtained. 


Che difference between curves 2 and | in Fig. 4 divided by the temperature is 
equivalent to the usual comparison of S” that is made, i.e. the difference between S 
calculated from statistical mechanics and S° derived from heat capacity, heat of 


vaporization, vapour-pressure and equation of state data. These computations are 
summarized in Table 3 where the differences obtained using the Berthelot equation of 
State and one with 4 3-6 10° T-* are tabulated. 

“") R. H. Busey and W. F. Giauoue, J. Amer. Chem. Sox 75, 806 (1953), 
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350 0-32 
360 0-33 0-02 
170 0-34 0-0} 
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The Third Law comparison is seen to be quite satisfactory. When the vibrational 
frequencies given by GAUNT are used in the Third Law comparison poorer agreement 
is obtained.©*’ The break in curves 2a and 2b at the triple point could be eliminated by 
smoothing the vapour-pressure equations in a manner similar to that used by 
WEINSTOCK and Crist.“® 

There is the possibility that the remaining discrepancy at the lower pressure is due 
to a slight systematic error in the vapour-pressure measurements near 0'C. By re- 


arranging equation (7) and using AH, 12965 cal mole”', the vapour-pressure of 


UF, at O'C can be calculated from the thermodynamic data. The value obtained in 
this way is 17-70 mm as compared to the value of 17-52 that is calculated from the 
vapour-pressure equation and the reported value of 17-57. To investigate this dis- 
crepancy we have remeasured the vapour-pressure of UF, at the icepoint. An 
unexpected difficulty due to a volatile impurity that was not removed by our usual 
purification methods was met in this attempt. This impurity was common to samples 
of UF, originating from three different sources, namely, Carbide and Carbon Chemical 
Corp., Argonne National Laboratory Chemical I ngineering Division that had been 
purified by fractional distillation, and UF, prepared by us by the reaction of UF, 
with F, gas. In general, the original samples showed high vapour-pressures and 
could be separated into fractions in which the head and tailings had different vapour- 
pressures. Fractional sublimation of the samples finally yielded residues with vapour- 
pressures that remained constant upon further fractionation. The residues from the 
0, 17-68, and 17-57 mm at the 
icepoint, which values are in better agreement with the value derived thermo- 
dynamically than that calculated from the equation. The impurity in the UF, is 


~ 


three different sources showed vapour-pressures of | 


possibly a fluorocarbon whose vapour-pressure is greater than that of UF, in the 


measuring range but less than it at lower temperatures. The initial amount of this 


impurity was estimated to be 0-2 mole per cent by computation from the fraction of 
° 


the sample that had to be volatilized at 44-65 C before a constant vapour-pressure was 
obtained and from the excess vapour-pressure of the volatilized fractions 

\s a matter of interest the vapour-pressure of UF, was calculated at the sublimation 
temperature of CO,, —-78-5°C. Using the thermodynamic data and AH, 12965 
the vapour-pressure is 1-9 10°? mm Hg. 


Note added in proof: The second virial coefficient for UF* has been derived from dielectric constant 
measurements by D. W. MaGnuson, J. Chem. Phys. 24, 344 (1956): his value can be approximately 
given by 3-2 10° T~* cal mole ' (mm Hg) P. PLurieNn of the Centre D’Etudes Nucleaires de 


Saclay informs us that their recent measurements give the value of 17°65 mm H¢g for the vapour 


pressure of UF, at the ice point 


B. Weinstock and J. G. MatM. Proceed ngs of the 2nd International Conference on the Peaceful Uses 
if Atomic Energy, Geneva, 1958. Vol. 28. Paper No. P/942, p. 125 
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THE INTERACTION OF URANYL CHLORIDE WITH 
HYDRAZINE, AMMONIA AND AMINES* 


I. KALNINSt and G. Gipson 
Chemistry Dept., Illinois Institute of Technology, Chicago 


(Received § July 1957: in revised form 14 July 1958) 


Abstract—Solid systems of composition UO,Cl,-4H,H,, UO,Cl,3NH, and UO.Cl,-2 
(R CH,, C,H,, C,H-;, and C,H.) were prepared. Of these only UO.CI,-3NH 
The UO,Cl,-RNH, systems underwent a slow redox reaction giving UO 


iS Stable up to 200 


igand hydrochloride 


and polymeric materials as the solid products. The polymeric materials conta ning carbon, nitrogen 


‘ 


and hydrogen appeared to be primarily polymers of alkyl imine prod om the corresponding 


amine by dehydrogenation. In UO.Ci.-n and 1-butylamine tl t 


systems be 


viene and a 


nine also seems 
involved in the polymerization In the UO.CI t-butylamine redox 


reaction, isoput 


branched hexane or hexene were identified in the volatile products. The y oxidation products 


in the UO,CL-N,H, system were non-condensable gases (N, and H.). Aqueous 10 M hydrazine 


was found to reduce solid UO,Cl,, but not UO,. to solid UO at room temperature 


He investigation of the UO,C l,-ligand systems was originally planned along the 
lines discussed in the preceding paper.’ Almost all of the systems in which I O,Cl, 
was substituted for UCI,, however, underwent slow redox reactions at or above 


room temperature. These systems and their reaction products are discussed below. 


EXPERIMENTAI 


Vaterials. The preparation of pure anhydrous UO,, N H,. NH, and the primary aliphatic 


amines has been described bef re Anhydrous lt OC) 


was prepared in ill lass apparatus by 
treating UO, with anhydrous HC! HC] gas was generated by the dehydration of conc. hvydro- 
chloric acid with 90 H.SO, 

{pparatus and procedure Application of the preparative procedures described previously to 
some UO.CI,-RNH, systems gave products of mole ratio of approximate ce. The originally 
deep vellow products became progressively brown to black in colour when stored in evacuated 
manometer tubes or in a dry-box contain ng dry nitrogen. At room tempera e the colour change 


was fi 


St noticeable in a week or so; an increase in the storage temperature increased the rate of 


darkening. X-ray powder diagrams of the darkened product indicated the presence of solid, micro- 


crystalline UO rhe nature of the reaction was not photochemical since a similar colour change at 


a comparable rate occurred in systems stored in a light-tight cabinet 


rhe UO,CI,—-N,H, system was prepared between 25° and 70 


in a vacuum line and also at 110 
in a Stainless steel bomb The redox reactions of the less active systems I O,Cl, RNH and 


UO.Cl,-NH, were performed at 200° in the bomb only The procedure was as follows: the system 


was prepared by introduction of the ligand into a tared Pyrex tube containine a weighed amount, 


0-8 to 1-6 g (2-5 to 5-0 mmoles) of UO.C! rhe gaseous ligands were condensed into the evacuated 


tube by means of a cold bath: the liquid ones—by means of a hypodermic syringe through a special 
* In part taken from a Ph.D. thesis submitted by I. L. K ALNINS to the Grad 
Institute of Technology, in partial fulfillment of the requirement for the deer 


Present address Bell Telephone Labor tories, Murray H i, N J 


sate School of Illinois 

ee of Doctor of Philosophy 
I. KALNINS and G. Gipson, J. Nucl Inorg. Chem. 7. $5 (1958) 

*) J.J. Katz and E. Rasinowrtcn, Radio Chemica Studies: The Chemist Uranium Plutonium 
Project Record, NNES, Div. VIII. Vol 5, p. 578 McGraw-Hill, New York (1951) 
C. A. Kraus, M. P. Report A-360, p. 9, Oct. 26, 1942 
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rubber stopper. The tube was then re-weighed and placed in the bomb against a counter current 
of dry nitrogen. The bomb assembled, cooled to liquid nitrogen temperature, evacuated and heated 
at the desired temperature for a minimum of 45 hr. After the heating period, the bomb was cooled 


to room temperature and attached to a calibrated vacuum fractionating line. The products and 


the unreacted components were separated into the following four portions 


(a) the volatile bomb contents removed at or below 50° into the vacuum system. Non-condens- 


able gas, if present, was pumped out of the line after its pressure, volume and temperature 


had been measured. Condensable matter was frozen out by passage through a series of 


U-tube traps cooled by liquid N The bomb was then backfilled with dry N,, the sample 


holder taken out, re-weighed and transferred to another section of the line to perform 


vacuum sublimation: 
(b) the volatile substance removed from the solid product during the vacuum sublimation at 


170° to 280° (depending on the system) 


(c) the sublimate deposited in weighed sublimation tube; 


(d) the solid residue remaining in the sample holder after removal of the above mentioned 


materials 


The liquid and gaseous substances of parts (a) and (b) were examined by fractional condensation 


=." The uniformity of a fraction was determined by vapour- 


using common fractionating tec! 


weight'*’’ measurements. Fractions that were not pure compounds were 


pressure and molecular 


examined by means of molecular weight determinations, infra-red spectrograms and vapour phase 


wrams. Often, small residues of oily looking substances of low volatility would remain 


in the traps after a fractionating run. When heated these materials would partially carbonize and 


parts of the trap. They could not be manipulated in the vacuum line and 


partially dist Il to cooler 


consequently, were not characterized further 


The sublimates, (c), were identified by their X-ray powder diagrams. They were also analysed 


ine 


were analysed for UO, and chlorine and a micro analysis made for carbon, 


total nitrogen and hydrogen. No amine (basic) nitrogen was found in the residues. The above 


analyses had to be performed on the entire residue since attempted separation of the | O, from the 


organic portion of the mate tal by a ariety of solvents al avs resulted in the formation of colloidal! 
UO To ascertain whether the products oodta ned were actually dec ymMposition products of the 
ligand systems and not those of the thermally decomposed pure amines; NH,, N,H, and t-C,H,NH 
were subjected to neating in the bomb under the exact condition is ther respective UO.C] ligand 
Systems Subsequent fractionation indicated that the decomposition of the pure ligands was 
negligible l per cent 


Sets of sealed manometer tubes were prepared using three systems UO,.CL-CH.NH,, UO,.C!I 


C,H.NH, and UO,Cl,-i-C,H-NH,. Each set consisted of four U-tubes covering the molar composi- 
tion range amine/uranium from 0-5 to 3-5. After the sets had been stored at room temperature 
(25-30) for a year or longer and at least 30 per cent of the UO,Cl, had been reduced, vapour- 
e measurem al 7 and ~ 196 indicated that neither non-condensable gases (e.g 

O,) nor highly volatile, condensable gases (e.g. NH,, CH,, C,H,, C,H,) were among the 


fic The analvtical met xis have been desc bed before Qualitative tests for possible 


gation prod ts of tl 1o ywwing structural ¢g oups were made; (a) ¢ ¢ bond: (b) 


secondary amine, (c) aldehyde, ketone or Schill base and (d) nitrile or amide 


RESI TS AND DISCUSSION 


The primary reaction of UO,CI, with an initial excess of liquid ligand produced 


solid UO,Cl,-m (ligand), as the excess ligand was removed by evaporation. m was 
found to be four for N,H,, three for NH, and in the range of two to three for RNH, 


at room temperature. 
* R. T. SANDERSON, Vacuum Manipulation of Volatile Compounds (a) pp.89-93, (b) p. 94. John Wiley, 
New York (1948) 

R. L. Suriver and R. C. Fuson, The Systematic Identification of Organic Compounds (a) pp. 93-94, (b) 
pp. 118-119, (c) p. 92, (d) p. 97. John Wiley, New York (1948) 

S. Sotoway, Analyt. Chem. 24, 898, (1952) 
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In UO,Cl,-RNH, and UO,Cl, NHy systems, small quantities of gaseous H,O 
caused the replacement of the ligand by H,O. When dissolved in water, a pre- 
cipitate of undetermined composition was formed and the aqueous portion 
became weakly basic. 

With N,H, as the ligand, a similar precipitate was initially obtained in water. 
When the concentration of NH, became approximately ten molar or higher, a 
slow reduction of the yellow precipitate to a black one occurred within a week at 
room temperature. Upon drying, the black solid gave the X-ray powder pattern of 
microcrystalline UO,. A similar reduction proceeded rapidly with UO, and 90° 
N.H, but not with 30°, N,H,. Dry atmospheric oxygen seemed to have no effect 
on the solid UO,Cl,-RNH, or UO,Cl,-NH, systems. The corresponding effect on 
the UO,Cl,-N,H, system was not investigated. 


UO,Cl,-3NH, was obtained at room temperature in the bomb. It had a distinctive 
X-ray powder pattern and appeared to be stable in a moisture-free atmosphere. It 
could be further de-ammoniated by heating at 200° and 10-4 mm. vielding 


UO,CI,0-SNH, which had an X-ray pattern different from both UO,Cl,-3NH, 
and UO,Cl,. This observed phase (or phases) may conceivably belong to the com- 
pounds UO,Cl,-NH, or UO,Cl,-2NH, reported in the literature.” In our work no 
additional evidence was obtained in favour of these latter addition compounds. A 
summary of UO,Cl,-NH, compounds is given in reference.‘*’ Gaseous NH, does 
not reduce UO,Cl, in the bomb at 200°, although thermodynamically the 
reduction is as favourable as that involving amines. 

UO,Cl,-4N,H, was obtained in the vacuum line at 0°. The reduction of UO,Cl, 
was slow at this temperature. The compound was yellow-green in colour and retained 


this colour for several months when stored in a sealed ampoule, after which time it 
gradually darkened. Stored in an open system (dry-box or desiccator). it darkened 
in weeks rather than months. X-ray analysis indicated the presence of | O, and 
N.H;CI in the final black product. The X-ray powder pattern of UO,Cl,-4N,H, 
was different than that of UO,CI, 

[he redox reaction of the UO,Cl, N,H, system carried out in the bomb may be 
summarized as follows 


UO,Cl, + (2 + x) NJH, UO, + 2N,H,Cl + xN, I)H,, 


where x may varv from 0-5 to 1-0 depending yn the reaction conditions. For two 


specific quantitative ¢ xamples (Table 1) the stoicheiometry was 


15 mm, | hr 
UO,Cl, 2:67N,H, UO, 2N,H,Cl 0-67N, 
100 


600 mm, 3-5 hr 
UO,.Cl, + 2:8N,H, [ O, + + 0-8N, + 0-6H, 
110 
In the first experiment 64 per cent of the l O,Cl, was reduced; in the second, 88 
per cent. The only oxidation product found was a non-condensable gas (1-0 and 
1-4 mole of gas per mole of UO,Cl., respectively). The only possible non-condensable 


P. Spacu, Z. Anorg. Chem. 230, 181 (1936) 
J.J. Katz and E. Rasiwowrrcn, See reference 1. p. $82 
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gases in this closed system were N, and H,. Since more gas was obtained than could 
be accounted for by the formation of N,, the residual gas was assumed to be H,. 


These gases have to be released in a certain proportion in order to account for the 


observed ratio N,H;Cl/UO, = 2; thus from the total quantity of non-condensable 


gas evolved, the amounts of N, and H, were calculated. No other gaseous pro- 
ducts, such as NH, or HN, were found. A small quantity of NH,C! subliming 
from the residue at 170° is almost certainly due to the known decomposition of 


N.H;Cl at its melting point (90°) during the separation by vacuum sublimation. 


TABLE | ANALYTICAL DATA FOR UO,CI,-LIGAND REDOX REACTIONS 


Residue [(d) expl. section] | Sublimate [(c) expl. section] 
(%) 


> 


LO, Cl ( N H Tota! ( N NH,* RNH,* Total 


(basic) 


none 


O N,H, 3-1 none none nor $69 37-0 34-1 100-7 


O CH.NH §-13 1-03 1-02 0-32 1003 514 20-2 2-9 41-4 95-7 


S61 100-0 
0 on 
oO n-C..H-NH RA. §-64 4-78 0-9? 4-6 nor 61-¢ 100-0 


RR-] 5-10 4-50 ] ) 0-68 19-7 ; 14-8 on 62-4 100-0 


18+ 14-9 37-3 


100-1 


Since no NH, was observed in the reaction products and, furthermore, since no 


uranyl salt with U in the (V) oxidation state has been reported, it is most likely that 


UO,Cl, acts as a two-electron acceptor and dimide, N,H,, is the reaction intermediate. 
The fact that no NH, or HN, is obtained can be explained by the absence of dimide 


condensation products: tetrazene, isotetrazene and triazene.'® Apparently, the 


bimolecular reaction rate of the dimide radicals is negligibly small with respect to 
their rate of decomposition into N, + 2H or N, + Hg. 


For the series, UO,Cl,-mRNHg,, non-integral m values ranging between two and 


three at room temperature were obtained. These systems produce orange-yellow 


solids which appear to be stable for at least a few days after preparation if rigorously 


protected from moisture. X-ray powder diagrams of recently prepared systems in 


most cases did not give any recognizable diffraction lines. From the evidence 
available it was concluded that the UO,Cl,-RNH, systems are essentially solid 
solutions. For UO,Cl,-RNH, at room temperature :— 


UO,Cl, + aRNH, -+ UO, + 2RNH,Cl + (O.P.)* 


* (O.P.) denotes polymeric oxidation products 


L. F. Auprietu and B. A. OGG, The Chemistry of Hydrazine pp. 123-124 and 128. John Wiley, New 
York (1951) 


Vol, 
11 
1959 


System 
NH; 19-9 none 3-7 none 100-1 none none none none 
US 
n-C,H,NH, 87-5 4-40 29-8 12-3 1-2 
C,H,NH 87-2 4-8] 0-90 0-79 19-6 36-3 13-5 3.() 60-5 9-2 
a 905 430 241 113 039 987 
t-C,H,NH, 3-40 44-1 17:2 11.2 44.7 
* Free UO, = + 0-5 
Calculated as NH 
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At 200° (in the bomb): 
UO,Cl, aRNH, UO, + (2 - b)RNH,ClI bNH,CI + eNH, + (O.P.)* 


In these experiments the coefficients were usually non-integral numbers: a 
ranged from 2-5 to 5.2, b from 0-0 to 0-7 and c from 0-0 to 1-0. From the known mass 
inputs of the pure reactants and the mass outputs of the identified products 
(UO,, R-NH,Cl, NH,Cl, NH,, N, and H,) and the unreacted reactants one can 
obtain the quantity of polymeric products in any of the four . fractions, 
also the quantity of amine reacted (either with the t Q.Cl, or bound in the form 
of hydrochloride salt) and the distribution of cert: un elements (U, Cl) in the four 
phases. It was found that there was no Cl in the vo latile products. All of the Cl 
released from the reduced UO eCl, was still bound ionical ly to amine or ammonia 
found in the sublimate. The relative amounts of these salts were estimated visually 
by comparing the intensities of the NH,CI lines in the X- ray powder diagrams 
of the sublimate with those of R-NH {Cl containing known amounts of NH,Cl. 
From this and the quantity of basic nitrogen obtained by means of volumetric 


analysis, the percentages were calculated (Table 1). 

Table 2 summarizes the reaction Stoicheiometries and the mass balances of the 
reactions. The reduced material was microcrystalline UO,: the uranyl Oxygen was 
not involved in the redox process. The reaction was not cor mplete, some 14-27 per 
cent of the UO,Cl, remaining in the residue. The number of moles of RNH Cl and 
NH,ClI formed per mole of UO »Cl, reduced was always close to two indic: ating that 
all of the released chlorine had formed HC! which subsequen tly was bound to the 
excess amine. The corresponding alkylammonium chloride and the QO, formed the 
bulk of the reactions products. Where butylamine was used, NH ;Cl was also present 
In significant quantities and NH, was produced in each, e xcept for t-butylamine. 

The residue (portion (d) I xperimental) consisted of unreacted UO,Cl,, UO, and 
a tar-like polymer cont: lining carbon, n itrogen and hydrogen (Table 1). The relative 
composition of the amine as compared to that of the polymer is shown in empirical 
formulas below: 


Amine CH.N, n-C.H,N HN, 
Polymer CH, CINs2No4 
{mine n-C,H,,N, I-C t-C .H,,N 

Polymer C,H,.,N).¢ 


It is seen that the tar contains less hydrogen and nitrogen per mole of carbon than 
the initial amine. In the t-butylamine case, however, relatively more nitrogen is 
present in the tar than in the initial amine. Therefore. not only hydrogen and nitrogen 
but also carbon have been removed in the course of the reaction. This conclusion 
was confirmed by the identification of isobutylene, C,H,, and a branched dimethyl- 
butane or butene, ( C,H,, or C,H,,, by means of comparative vapour chromatograms. 
When heated to 400° or above some of the polymer still remained in the residue. 
Only by heating at 800° in an oxidizing atmosphere could the tar-like polymer be 
completely ignited. 

The white sublimate (portion (c), Experimental) was a mixture of RNH Cl and 

* (O.P.) denotes polymeric oxidation products. 

(" S. Fritz, Analyt. Chem. 24, 300 (1952), 
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NH,Cl (Table 1), which in a few instances was slightly contaminated by a yellow- 
coloured 

The volatile fractions (portions (a) (b), I xperimental) consisted mainly of unreacted 
amine and ammonia. The difference between the quantity of volatile products 
obtained from the weight loss of the s ample and the quantity of amine and ammonia 
recovered by fractionation, and calculated using the ideal gas law, is given in the last 
column of Table 2. This difference represents the volatile dehydrogenation products 
that for the most part could not be identified. A portion of these, apparently, poly- 
merized in the vacuum line (cf Experimental section). The examination of many 
fractions for simple dehydrogenated amine species (e.g. nitriles, secondary amines 
and Schiff bases) by several analytical and instrumental methods gave negative 
results. The only readily identifiable grouping, besides C—H, was the C=C (C=N7) 
bond: found in the ethylamine, the isopropylamine and the n-i-t-butylamine redox 
products. Furthermore, molecular weight measurements on the volatile products 
arising from the above five amines showed that one or several of the bottom fractions 


had an average molecular weight considerably above that of the amine (e.g. n- 


butvlamine, 190 instead of 73). I xcept for the t-butylamine case, the only component 
present lighter than the amine itself was NH. 

Finally, a quantity of polymeric material was found on the inner wall of the 
pressure bomb. It was a yellow-brown, odoriferous grease that appeared to be 
stable in air. It contained no U or Cl: indicating that it had not come from accidental 
spattering of the reactants contained in the glass sample holder within the bomb. 
With n- or i- butylamine as ligand the yield amounted to about 35—50 per cent of the 
reacted amine. It was much smaller for t-butylamine (~3 per cent) and negligible 
(<I per cent) for all of the other amines. This material was soluble in CCl,, C,H, 
and 18 M H,SO, but not in water or 6 M H,SO,. Examination by means of infra-red 
spectrometry revealed most prominently C—H frequencies; also small N—H and 
C=C frequency peaks. Considering the high concentration of grease examined, 
the peaks were very weak in intensity. Qualitative analytical tests showed the C=C 
bond present. Evidently this material is also a non-volatile polymerization product 
of the dehydrogenated butylamines. 

Having concluded that the only amine oxidation products are polymers in various 
Stages of polymerization, the most likely mechanism which explains the stoicheiometry 
and the products observed is discussed below. 

lt is known that the oxidation of primary aliphatic amines is effected by two 
possible mechanisms depending on the oxidizing agent used; either oxygen is added 
to or hydrogen is removed from the amine group to give a free radical which then 
reacts further in various ways.) The analytical data and the preservation of mass 
balance of uranyl oxygen indicate unequivocally that in the present case dehydro- 
genation of amine occurs. Since the UO Cl, is a two-electron acceptor the primary 
reduction step is probably, 

UO.Cl, RNH, UO, + 2HCI R-N: 
By analogy with the results of previous investigations on aliphatic amines"?-") this 
imine radical would either condense with a neighbouring radical or rearrange to 
N. V. SipGwick, The Organic Chemistry of Nitrogen pp. 25-26. Clarendon. Oxford (1937) 


S. GoLpscuMiptT and V. Vorru. Ann. Chim 435, 265 (1924) 
'S) S. GoLpscHMIDT and W. BeuscHet. Ann. Chim 447, 197 (1926) 
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an amine molecule. The condensation product of two imine radicals is an aliphatic 
azo compound which is unstable and decomposes into N, and hydrocarbon. Since 
no N, was obtained in the redox reactions, the only possible condensation steps are 
(1) internal rearrangement of the imine radical to imine monomer R—NH, followed 
by addition polymerization of this imine or (2) copolymerization of the imine with 
some of the complexed amine. If the molar ratio of amine reacted per UO,Cl, 
reduced were three, step (1) alone would account for the observed reaction course. 
In several cases the mole ratio was less than three. consequently, some hydrogen 
was abstracted that did not originate from the amine group. This hydrogen may 
have been taken from the polymerized imine reacting with the, as yet, unreduced 
UO,Cl, or supplied in the course of (2). The initial mole ratio, methylamine/t O,Cl, 
was, therefore, chosen so low (2-0) that little available amine was present. Since 
the mole ratio of the reaction was still less than three (2-5). a portion of the hydrogen 
would have to be abstracted from the imine polymer. 

In the n- and i-butylamine reactions, the values of initial mole ratios were four 
to six (Table 2). These were the cases in which a large portion of a polymerized 
material was found on the bomb wall outside of the glass vessel containing the 
reactants 

If the difference between the total quantity of the reacted amine and the quantity 
of this polymer is assumed to be the amount of amine involved directly in the reduction 
of LO,Cl, and formation of RHN,CI the initial mole ratio becomes 2-5 and 2-6, 
respectively, for n-butylamine and 3-1 for i-butylamine. This is now in agreement 


h the mole ratios obtained for the other redox reactions in which there was no 


it appears, therefore, that the free radicals have induced an additional (step 2) 
gas phase polymerization of the so-called “redox polymerization” type” in the 
butylamine cases. It is seen from Table 2 that the larger the initial mole ratio of 
n-butylamine the larger the relative quantity of polymer in the bomb. 

[he small quantity of volatile products obtained during the vacuum sublimation 
(portion (b), Experimental) that could not be identified except for some C=C bonding 
could be either volatile imine polymers or fragments removed from the tar contained 
in the solid residue as the latter was heated in the vacuum. These products always 
contained small quantities of amine and NHsg, indicating that complexed amine 
was still present in the sample before the sublimation. It is likely, therefore, that 
the reduction of UO,CI, was continuing during the sublimation step, even though 
the source of hydrogen could not be identified. 

The NH, present in every experiment done at 200°, either as free NH, or in the 
form of NH,ClI, can only be due to elimination of NH, during the polymerization 
of the dehydrogenated products. A portion of the eliminated NH, had reacted 
with HC! to form NH,Cl, the remainder going into the gas phase. In all cases in 
which the R—NH, (CH,NH,, C,H;NH,, C,H;NH,) is known to be a stronger 
base than NH, the quantity of NH,CI obtained was negligible and NH, was present 
in the gas phase only indicating that a reaction, RNH, +- NH,Cl —-- RNH,CI + NHg, 
had occurred. Methylamine, although a stronger base than NH, appears to be an 
exception (Table 2). Actually this is not so since here the initial mole ratio of amine 
to uranium was purposely made low (2-0). No amine was available to replace the 

R. G. Bacon, Quart. Rev. 9, 287, (1955) 


Vol, 
11 


1959 


‘ 
pe 
| 


rhe interaction of uranyl chloride with hydrazine, ammonia and amines 


ammonia and, consequently, a considerable quantity of NH,CI was in the sublimate. 
The basicity of the butylamines decreases in the order, n-( sHNH,, i-C HN, 
t-C,H,NH,."* In agreement with this, the relative amounts of NH,CI present in 
the sublimate increase in the same order ( Table 2). 

In view of the hydrocarbons obtained. the polymerization mechanism in the 
redox reaction involving t-butylamine differs from the mechanism discussed above 
Since the t-butylamine does not Possess an x-hydrogen, no imine can be formed 
without breaking a C—C bond. The appearance of butene and hexane or (hexene) 
in the products could not be explained : although it seemed to be due to such a ¢ 
bond rupture. 

With methyl-, ethyl- and isopropyl-amines the reduction was also performed 


in sealed manometer tubes at room temperature. The equilibrium vapour pressures 
obtained at low temperatures indicated clearly that there were no non-condensable 
gases, NH, or light hydrocarbons in the gas phase. This observation agrees with 
the postulate that addition polymerization, in which no volatile products are formed, 
is the primary process accompanying the dehydrogenation 


When excess NH, was condensed on solid. anhydrous UO,Cl, and the system 


then heated under the same conditions as the amine systems, no redox reaction 
occurred. According to a calculation of AF° of a possible UO,Cl,-NH, redox 
reaction, having N, and H, as the oxidation products, such a reaction should be 


energetically just as favourable as that of NH, or RNH,. In the reactions involving 
N.H, or RNH,, however, the energy spent in breaking two N—H bonds (at least 
2 


170 kcal/mole) is partially compensated by the energy of formation of an N=—N or 
a ¢ N bond. respectively. The failure of reaction may be d i¢ to the fact that no 
such energy source is available in the :NH radical. Just as the N,H, or RNH, 
cases, the reaction rate between two :-NH radicals is negligit small because of the 


high activation energy barrier in the solid state. 
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THE SOLUBILITY OF MOLYBDENUM TRIOXIDE 
IN VARIOUS MINERAL ACIDS 


P. CANNON* 


University of Exeter 


(Received 7 January 1959) 


Abstract— Equilibrium solubility values for MoO,°H,0 at 20°C in HCl, HNO, and H,PO, sglutions 


of various molarities are reported. The solubility of molybdic oxide in nitric acid first rises and then 


falls, and is zero in concentrated nitric acid. This anomaly is explained on the basis of Pryor and 


EVANS’ theory of defect-controlled dissolution of oxides in acids. A much larger anomalous maximum 


the solubility of MoO. in phosph« ric acid is explicable on the basis of complex formation 


IN acid solutions, molybdic oxide assumes basic properties, which are manifested by 


its enhanced solubility in strong acids such as hydrochloric or sulphuric, as the con- 


centration of such acids is increased. This solubility of molybdic oxide in various 


mineral acids is of some technical importance, yet no equilibrium data for this type 
of system appear to exist. I wish to report some solubility measurements made at 
20 C over a four month period for molybdic oxide monohydrate in hydrochloric, 
nitric and phosphoric acids 

he fact of the solubility of molybdic oxide in hydrochloric acid is well established, 
and although the hexachloride MoCl, has not been isolated, the oxychlorides of 
hexavalent molybdenum are well known. Berzevius" found that on adding water 
to the basic salt MoO,Cl,, prepared by the action of chlorine gas on molybdenum 
dioxide, molybdic oxide was precipitated. BLOMSTRAND'?) obtained the salts K MoO,Cl, 
and K,MoO,Cl, by the action of potassium chloride on the solution of the OXy- 
chloride in an excess of hydrochloric acid. A hydrated oxychloride MoO(OH),Cl, 
was prepared by Desray'*’ from hydrochloric acid and molybdic oxide at 200°C, and 


was found by him to be soluble in water, ether, alcohols and ketones. Hence. the 


Ut 


oxychloride is a basic chloride. and apparently it is hydrolysed when in aqueous 


solutions, but this hydrolysis is repressed by the presence of concentrated hydrochloric 


acid 


There is no evidence for the existence of basic molybdenyl nitrates, and the 


solubility of molybdic oxide in nitric acid has never been measured. It seemed parti- 


cularly worthwhile to determine the solubility figures in this case, since nitric acid is 


used in the quantitative precipitation of ammonium phosphomolybdate for analysis. 


Although a large number of combinations have been reported between molybdic 


and phosphoric acids, the precise values of the solubility of molybdic oxide in phos- 
phoric acid have never been measured. The fact that the oxide is soluble in phosphoric 
acid is well known and forms the basis of some commercial methods for the prepara- 
tion of phosphomolybdic acid. It may be that this solubility is due to the strength 


Present address: General Electric Research Laboratory, Schenectady, N.Y. 


J. J. Berzevcivus, Pogg. Ann. 6, 381 (1826) 
( W. BLOMSTRAND. J. Prakt. Chem 71, 466 (1847) 
M. H. Depray, C.R. Acad. Sci.. Paris 46, 1101 (1858), 
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of phosphoric acid in its first dissociation. According to JANDER ef al.‘ the isoelectric 
point of molybdic oxide occurs at approximately pH 1; molybdic oxide is therefore 
a very weak base, and hence combination would be expected to occur only with very 
strong acids, of which phosphoric acid is not one. A study of the solubility of the 
oxide in hydrochloric, nitric, and phosphoric acids was therefore initiated in an attempt 
to discover whether the solubility of the oxide in phosphoric acid corresponded with 
normal behaviour. 

Direct measurements of the solubilities were made, in order to avoid supersatura- 
tion by heating and then cooling, or by the replacement of the oxide from an alkali 
molybdate. 

EXPERIMENTAI 


All new Pyrex glass ware was used after washine in hot concentrate chloric acid and steam- 


ing out. This was done to prevent leaching in the subsequent experime 


/ 
/ 
0 


ocid 


Equilibrium solubility of MoO.-H.O at 2 
(c) H,PO,, vs. initial molarity of 


Molybdic oxide monohydrate was prepared by precipitation from a concentrated solution of AR 
grade sodium orthomolybdate dihydrate by AR hydrochloric acid. The le precipitate was washed 
on a frit with hot distilled water until the washings gave a negative test { 
at this stage was a thixotropic gel. This procedure took several days. T! 
at 106 C and analvsed for Mo using oxine and water by ignition 
H.O, 11-02, 10°98. Calc. Mo, 59-25: H,O, 11-11 Small portions (app 
Pvrex test tubes and 25 m portions of acid solutions of various strengt aded The tudes were 
sealed and packed in the horizontal position in boxes. These were shaken for half an hour each week 
over a four month period: all the samples were kept in an air thermostat at 20°C during this time 

At the end of the period, the tubes were opened and the supernatant id was drawn off through 
a filter stick and the molybdenum content found, using the oxine reagent. Care was taken to break 
down any complexes that might have been formed by boiling the 1 with sodium hydroxide 
solution, before buffering the solution to pH 5-5 for the precipitation wit xine. The results, plotted 
as moles of MoO, per litre of acid solutions vs. initial acid molarity, are shown on F ig. 1, and given 
on Table 1. 
 G. Janper, K. F. Jane and W. Heuxesnoven, Z. Anorg. Chem. 194, 406 (1934), 

W. P. TuistLeTHwaite, Analyst 72, 731 (1947). 
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DISCUSSION 

Che dissolution of molybdic oxide in hydrochloric acid follows a steadily rising 
curve, demonstrating the basic character of the oxide towards hydrochloric acid. 
Thus, one litre of 9-47 M hydrochloric acid was found to dissolve 1-86 ¢ moles of 
the oxide, compared with the 0-009 ¢ mole that dissolve in one litre of water. An 
excess of acid over that required for the formation of a basic salt of the type MoO,Cl, 


TABLE | THE SOLUBILITY OF MOLYBDIC OXIDE IN VARIOUS ACIDS aT 20°C 


HC! HNO, H,PO, 


HC! Solubility HC] HNO Solubility HNO H,PO, Solubility H,PO, 
(g mole/l.) (g mole/l.) (g mole/I.) (gmole/l.) Mo  (gmole/l.) (g mole/l.) 


0-021 16-0 0-95? 0-039 24:4 0-97 0-746 1:30 

1-18 0-042 28:1 1-90 0-091 20-9 1-95 0-969 2-01 

2-37 0-109 21-7 2-86 0-137 20-9 2-9? 1-0? 2-86 
3.55 0-233 15-2 2-8] 0-137 27-8 3-90 1-26 3-10 
4:74 0-410 11-6 0-104 48-8 4-87 1-16 4:20 
5-9? 0-670 8-84 6°35 0-049 130 6°50 0-980 6°63 
7-10 0-96? 7-38 7-62 0-01 762? &-55 0-398 21-5 
8-29 1-38] 6-01 10-8 0-00 11-06 0-384 28-8 
9-47 1-864 5-09 13-3 0-00 13-00 0-244 $3.3 
15-9 0-00 16°24 0-172 94-4 


Is Necessary to repress the hydrolysis, and thereby keep it in solution. This is borne 
out by the non-constancy of the molar ratio HC! : MoO, on the equilibrium line: 


this ratio increases as the solution is made more dilute with respect to hydrochloric 


acid. The more dilute solutions were faintly blue, indicating that a little reduction of 
the moly bdic oxide had taken place. 


The solubility of the oxide in nitric acid is different from the above curve. At 


low concentrations. the solubility curves of the oxide in hydrochloric and nitric acid 


approximate to each other, but at concentrations of nitric acid greater than 3 M, the 


solubility decreased, and became nil at concentrations greater than 8 M. Under these 


conditions, the solid residue was crusty, and of a light yellow colour. The maximum 
solubility of the oxide in nitric acid was found to be 0- 137 g mole of oxide per litre 
of 2-8-4-0 M acid. Pryor and Evans‘® have suggested thi it the dissolution of ferric 
oxide in acids is controlled by the concentration of surface defects associated with 


oxygen deficiencies. If this is so in the case of molybdic oxide, it is easy to see that in 
the more concentrated nitric acid solutions bec: 1use the oxidation potential of the 
nitric—nitrous acid couple is higher than that of the System 
ca.0-5 V; uno, ca. 1-0 V), the net effect would be to m: ike the oxide 
uniformly equivalent to Mo’!. On the basis of EVANS and Pryor’s work this would 
cause the oxide to become insoluble in concentrated nitric acid, which indeed is the 
case. At lower acid concentrations (below 3 M) the equilibrium solubility line is 


M. J. Pryor and U. R Evans, J. Chem. Sox 3330 (1949) 
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concave toward the y-axis, indicating the formation of a basic molybdenyl nitrate 
in this acid concentration range. The identical nature of the solubility values of the 
oxide in both hydrochloric and nitric acids in this range indicates the well-defined 
basic character of 

The curve of the solubility of molybdic oxide in phosphoric acid is different from 
each of the above curves, since it first rises very steeply, and then falls to a lower 
portion. The maximum solubility is much greater than would be expected were the 
reaction of molybdic oxide with phosphoric acid a normal acid-base reaction, like 
that of the oxide with hydrochloric acid. From this observation. and from the fact 
that the equilibrium ratio of HPO, : MoO, actually decreases as the solution is 
made more dilute, there is considerable support for the idea of the formation of a 
complex phosphomoly bdate in solution. The extent to which phosphate and molyb- 
date combine in this manner has ; lready been defined.’ 
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STUDIES ON MONO-AND DI-n-BUTYLPHOSPHORIC 
ACIDS—II 


THE SOLUBILITY AND DISTRIBUTION OF MONO- AND DI-n- 
BLU TYLPHOSPHORIC ACIDS IN AQUEOUS-ORGANIC SOLVENT 
SYSTEMS 


C. J. Harpy and D. ScarGit 
A.E.R.E.. Harwell, Didcot Berks 


(Received 8 January 1959) 


Abstract—The solubilities of mono- and di-» butylphosphoric acid (H,MBP and HDBP respectively) 
at 25 C in water. aqueous nitric aci 
P-labelled acids. The net distribution coefficient (D p) for HDBP has been measured as a func- 

tion of the concentration of HDBP for 

(1) a number of organic solvents in contact with 1 M HNO., 
contact with 0-1 and | M perchloric acid, and 

(iu) the kerosene-HNO System from 0 to 15 M HNO 
In TBP-kerosene-HNO, systems, Dy and Dy “exp have been measured as functions of the con- 
centrations of HDBP, H,MBP, TBP, and HNO,, and TBP has been shown to associate with both 
HDBP and H,MBP 


The lla Can 


1, odourless kerosene and benzene have been measured using 


(ii) chh form in 


ipplied to the calculation of equilibrium distribution coefficients for HDBP 


and H,MBP in TBP-HNO, systems over a range of [TBP] from 0-1-100°% v/v in the diluent, of 


[HNO,]} from 0 to 15 M, and of [HDBP] and [H,MBP] either separately ot together in the range 
10-* M-0-05 M. 
The solubility and distribution data for HDBP are qualitatively interpreted in terms of 
(1) a series of eq itions for the dissociation of HDBP. the « merization of HDBP in both aqueous 
and organic phases, the association of HDBP with TBP and with HNO.,, and the association 
of TBP with HNO,, and 
(1) the distribution of the HDBP monomer and dimer. and the HDBP-HNO species, between 


the phases 


The dimerization constants of HDBP in various organic solvents, the distribution constants of 


the monomer and the dimer aqueous—organic solvent systems, and the association constant between 


TBP and HDBP in kere sene have been ca culated 


DISTRIBUTION coefficients for H,MBP and HDBP in a number of water organic 
solvent systems (including amyl alcohol, dibutyl-ether, and dibutylearbitol) have 
been measured by Srewart and CRANDALL." Dyrssen’’ has measured distribution 
coefficients for HDBP between chloroform, and hexone (methyl isobutyl ketone), 
and HCIO,-NaClO, solutions at 25°C, and has also measured the solubility and 
acidity of HDBP in water. The latter results show that HDBP is approximately ten 
times stronger as an acid than phosphoric acid and that the dimerization of HDBP 
is much more pronounced than that of carboxylic acids. Measurements of the 
dissociation constants for other alkylphosphoric acids have been made by VAN 
Hove,’ DrusHet and Fevty," and KuMLeR and Eimer. Pepparp et al. have 


D. C. Stewart and H. W. Cranpatt, J. Amer. Chem. Soc. 73, 1377 (1951) 
) D. Dyrssen, Acta Chem. Scand. 11, 1277 (1957) 
(3 T. VAN Hove. Bull. Acad Roy. Belg gue, Classe de Sciences 28? (1909), 
® W. A. Drusuet and A. R. Fevty, Amer. J. Sci. 4, 43. §7 (1957) 
*) W. D. Kumier and J. J. Emer, J. Amer. Chen Soc. 65, 2355 (1943) 
*’ D. F. Pepparp, J. R. Ferraro and G. W. Mason. J Inorg. Nucl. Chem. 4, 371 (1957) 
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reported that mono- and di-alkylphosphoric acids are polymeric and dimeric respec- 
tively in benzene solution. BELLAMY and Beecuer’” did not find any evidence of 
free hydroxyl group absorption in measurements of the infra-red Spectra of HDBP 
in non-polar solvents and this further indicates its polymerization and association 
with the solvent. 

Relatively little is known about the behaviour of H,MBP and HDBP in aqueous 
acid-organic solvent systems, and in particular in a nitric acid—tributy! phosphate 
(TBP) system. Preliminary results on the latter system have been reported briefly 
by us‘* and the full details are now given. 

lhe solubilities of H,MBP and HDBP in water. aqueous nitric acid, and in a 
few organic solvents have been measured and are interpreted in terms of a series of 
equations relating the species in solution. The net distribution coefficient for HDBP. 
Diy ynp — (the concentration of phosphorus-containing species in the organic phase) 
(the concentration of phosphorus-containing Species in an equal volume of the 
aqueous phase) has been measured as a function of the concentration of HDBP for 
a number of organic solvents in contact with 0-15 M HNO.. or with 0-1 or 1M 
HCIO,. In the kerosene-HNO, system preliminary measurements indicated very 
low values of Dy yy», and no detailed study was made. However Dy wy» and 
Di; pup are considerably increased by the addition of TBP, and these s) stems have 
been studied in detail. 


EXPERIMENTAI 
Pur fication of mater ials 
Inactive H,MBP and HDBP were separated from a commercial mixture of “acid butvl phos- 
phates” (from Albright and Wilson Ltd.. London) by the solvent extraction techniques previously 
described.'*’ Theiz purities were checked by 
electrometric titration, 
chromatography, and 


1 addition of *=P-labelled H.MBP or HDBP to the crude mixture and measurement of 


the ; vity remaining in each purified product 
5 


[he products were free from phosphoric acid and non-acidic impurities; the HDBP contained 

0-2". H,.MBP and the H,MBP HDBP 

P-labelled H,MBP and HDBP (from the Radiochemical Centre, Amersham. England) were 

analysed by paper-chromatography and found by //-counting to contain n measurable amount of 
H,"PO, or TB™P; the H,MB™P contained 0-15 HDB"P and the HDB™P 0-15 H,.MB"’P 
The specific activities at the start of the experiments were 7°8 mc/g for H,MBP and 5-7 me/e for 
HDBP 

TBP was purified by the previously described method Benzene, chloroform, carbon tetra- 
chloride, and nitrobenzene used as diluents w ere A.R. grade, and the c oform was washed three 
times with twice its volume of water to remove the | per cent of alcoho The odou less ke sene 
( D5;, 0-778 (Shell Mex and B.P. Ltd.. Sun! ght House, Quay St., Manchest M.O.S. Specification) 
was used without purification. It has been reported'""’ to contain ~1 ¥ aromatic compounds, 
0-5", w/v unsaturated compounds, 0°003°, w/,s sulphur, and to give a hy lrogen/carbon ratio of 
2-07 

The distilled water was passed through a mixed-bed ion exchange column before use 


L. J. Bettamy and L. Beecuer. J. Chem. Sox 1701 (1952) 
P. G. M. Brown, J. M. Frercuer. C. J Harpy, J. Kennepy. D. Scar WAIN an 
WOODHEAD, Pri ceedings of the Second International Conference on the Peacet es of Atomix 
Geneva, 1958. Paper 31. Vol 17, p. 118 

" C. J. Harpy and D. Scarce. J Inorg. Nucl. Chem. 10, 323 (1959) 
C. J. Harpy, D. Scarcitt and J. M. Frercuer. J. In we. Nucl. Chem. 7, 257 
T. F. Witutams and R. W WILKINSON, AERE C/R-2179 (1957) 
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Solubility measurements 


The solubility of a saturated solution of HDBP in water at 25 C was measured by electrometric 
titration with alkali. The solubility of H,MBP and HDBP in HNO, or organic solvents at 25 C 
was measured radiometrically by using “*P-labelled H,MBP or HDBP Aliquots were diluted to 


10 mi and the //-activity measured in a standard 10 ml liquid counter tube (type M6, 20th Century 


Electronics). Calibration curves for variation of count-rate with the density of the solution were 


determined in a similar way to that described by Dyrssen 


Distribution coefficient measurements 


All distribution coefficients were measured radiometrically with *P-labelled HDBP and H,MBP 


Equal volume phases were stirred together for 10 min at 25 C (no variation in the distribution 


coefficient was found for varying times of stirring from 1 to 60 min) and the phases were separated by 
centrifugation. The net distribution coefficient of H,MBP (Dy or HDBP ( is defined as 


corrected /-activity in organic phase 


corrected /-activity in equal volume of aqueous phase 


RESULTS 


Se Hubili } data 


The solubility of HDBP. The solubility of HDBP in water at 25'C was 0-082 M 
(17:2 2/1.) by electrometric titration and 0-0816 M by the radiometric method (compare 


mole / | 


\ 


° 


25 


HDBP at 


Solubility of 


Aqueous HNO. concentration, M 


Fic. 1 The solubility of HDBP in aqueous HNO, solution. 


00818 M given by titration’). The variation of the solubility with HNO, con- 
centration 1s given in Fig. 1. HDBP is completely miscible with benzene and with 
kerosene. 

[he solubility of HDBP in aqueous HNO, can be qualitatively interpreted in 
terms of the equations: 


HDBP © H* + DBP (1) 
2HDBP <= (HDBP), (2) 
HDBP HNO, = HDBP-HNO, (3) 
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The contributions of the individual Species to the solubility in water (00818 M 
at 25°C) are [HDBP] = 00227 M, [H*] — [DBP~] — 00457 M, and [(HDBP),} 

00067 M. As the [H*] is increased to approximately | M in | M HNO, the 
dissociation of HDBP is repressed and the solubility decreased. While [HDBP] 
and [(HDBP),] remain approximately constant the [DBP~] becomes 00023 M at 
| M [H*]. However, at >1M HNO, the decrease in [DBP | with the increase in 
[H*] becomes negligible and the solubility is approximately constant from | to 8 M 


‘a 


M HCLO, 


A 


ry 7 


initial total concentration of HDBP in aqueous phose 


Fic. 2 The distribution of HDBP between aqueous and organic phases 


HNO,. The rapid increase in the solubility at >8 M HNO, can be accounted for 
in terms of the decrease in the stoicheiometric [H*] (compare the decrease in 
[NO,~}"*), and the association between HDBP and HNO. (equation 3), which has 
previously been demonstrated"*’ by the extraction of increasing amounts of HNO, by 
a solution of HDBP in toluene as the [HNO,] increases (compare TBP HNO.). 

The solubility of H,MBP. In contrast to HDBP, H,MBP is completely miscible 
with water and with aqueous HNO,, and is only slightly soluble in kerosene (2:4 

10-* M H,MBP at 25°C). However, the addition of TBP or HDBP to the kerosene 
considerably increases the solubility of the H,MBP due to association (see later): 
a saturated solution in 20°, TBP contains 0:53 M H,MBP at 25°C. (the 20°, TBP 
becomes 185%, at equilibrium due to this high solubility). 


Distribution data for H,MBP and HDBP in aqueous—organic solvent systems 


Variation of Dyyyp» with the concentration of HDBP, the nature of the organic 
solvent, and the nature of the acid. The variation of Dy »,» with the concentration 
of HDBP is summarized in Fig. 2 for the systems: 

(i) | M HNO, and kerosene, CCl,, benzene, and nitrobenzene, 

(u) Ol M HCIO, and CHCI, (compare results by Dyrssen’), and 

(ni) 1 M HClO, and CHC1, (compare results by Dyrssen'®’). 

) E. Hestorp and H. A. C. McKay, Trans. Faraday Soc. $4, $73 (1958). 


| 
@ Nitrobenzene. 
1959 io 
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The distribution of 005 M HDBP between kerosene-| M HNO, and kerosene 
1 M HCIO, gave values of Dy pp,» Of 247 and 2°56 respectively, and indicated that 
the bulk anion had little effect on the value of Dy, ;,,p» at this concentration of acid. 

Additional results for H,O-solvent systems containing 005 M HDBP initially 
in the aqueous phase are: 


Solvent Kerosene CCl, Benzene CHCl, 
Duper 0:38 2°34 3:34 7-05 


Variation of Dyyyp with the concentration of HNO, in the kerosene-HNO, 
system. Dyypyyp has been measured as a function of the concentration of HNO, 


toto! concentration of HDOBP in oqueous 


phase given on the curves 


10 


Aqueous HNO. concentration, 


Fic. 3 The distribution of HDBP between kerosene and HNO 


from 10-* to 15 M and for concentrations of HDBP of 10-°, 10-*. 10-°. and 0:05 M 
(Fig. 3). The mean of two values of Dy py,» in HyO-kerosene is given in Fig. 3 for 
0:05 M HDBP, but the corresponding values at lower concentrations of HDBP 


were too low to measure with the specific activity available 

Variation of Dyyyp with the concentration of H,MBP and of Dy yyy» with the 
concentration of HDBP in the kerosene-HNO, system. In order to investigate the 
association between HDBP and H,MBP in kerosene-l1 M HNO, system 


(1) Duy ppp Was measured for 0:05 M and 10-* M HDBP at three concentrations 
of H,.MBP and 


(11) Dy ssn» Was measured for 0:07 M and 10-* M H,MBP at three concentrations 
of HDBP (Fig. 4). 


The distribution of H,MBP and HDBP in TBP-HNO, systems. Dy yy» and 
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Dy py» have been measured in TBP-kerosene~-HNO, systems as a function of the 
concentrations of H,MBP, HDBP, TBP and HNO,. Preliminary experiments in- 
dicated only a slight difference between values of D at ~10-° M and at ~0:05 M 
HDBP or H,MBP, and hence only these two extremes of the concentration range 
were studied. Values of D as a function of the concentrations of H,MBP, HDBP. 
and HNO, are given in Figs. 5 and 6 for 20°,, TBP. Three additional values for HDBP 
in 100°, TBP are included in Fig. 5. Distribution coefficients as a function of the 


ncentrahor 


yution of H,MBP between HDBP/ kerosene M HNO, and of HDBP 
between H,MBP/kerosene and | M HNO 


concentration of TBP at | M HNO, are given in Fig. 7 (data obtained by Dyrssen™ 
for 3:33 M HDBP in M HCIO, are also included) 

Amounts of HDBP and H,MBP of the order of 10-°*-10-*M may be formed 
due to hydrolysis or radiolysis of TBP in a solvent extraction process’ (e.g. for 
the separation of | Pu from fission products). Values of Dypyyp and Dy wry 
are therefore given in Tables | and 2 respectively for the above orders of concentration 
of the two solutes both separately and together in 20 rBP/HNO, (1 and 3 M) 
systems. Since the values of D for the mixtures of solutes are approximately equal 
to the values for the separate solutes the values of D at other concentrations of TBP 
and HNO, can be calculated with reasonable accuracy from the previous data relating 
D to the concentrations of TBP and HNO,. 
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The variation of D with [HNO,] for the 20° TBP/kerosene HNO, system. 
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The distribution of H,MBP and HDBP between TBP/kerosene and 1 M HNO 


WITH AND WITHOUT HDBP present 


TABLE 1.—VALUES OF Dy wyp BETWEEN 20° TBP anp HNO 


[HNO,] 7 10*MH.MBP 1-4 » 10°° M H.MBP MH.MBP | 


10-* M H.MBP 
(M) 


10-*MHDBP 1 10-*° M HDBP 


TABLE 2.—VALUES OF Dyyyp BETWEEN TBP anp HNO, an 


WITHOUT H,MBP present 


[HNO,) 10-* M HDBP 10°° M HDBP 10-*MHDBP 


M HDBP 
(M) 


M H.MBP M H,.MBP 
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q 
Date by DYRSSEN 
a 0 
0.07 MH. MBP 
Vol, % TBP/OK 
1959 
0-28 0-19 0-19 0-16 
4 3 0-22 0-21 
19 0-28 
5 = 
= 
14-5 12-0 12:1 9-3 
5 3 19-0 16-0 12-0 13-6 
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Calculations for HDBP systems 


Symbols and definitions of constants (after DyRSSEN"?) 


[ Jag concentrations in the aqueous phase 

[ Jorg concentrations in the organic phase 

C, initial total concentration of HDBP in one 
phase 

Caq. Corg equilibrium total concentrations of HDBP 

HA di-n-butylphosphoric acid (HDBP), 
(C,H,O),PO-OH 

dimer of HDBP 

[H* Jagl stoicheiometric acid dissociation constant 

— [HA-TBPore/[HA]ore] TBP]org association constant of HA and TBP 

A [HA ]org/[HA]aq distribution constant for HA 

= distribution constant for HA, 

ky = [H.Aglorg/[HAP ag dimerization constant in the organic phase 

Kk’, = [HoAg}aq/[HAPag dimerization constant in the aqueous phase 

D net distribution ratio of HDBP 


The dimerization and distribution constants for HDBP in organic solvent—1 M 
HNO,, and CHCl,;—HCIO, systems. The following equations are valid for the 


experiments summarized in Fig. 2: 


+ [HA]ors 


From equations (4) to (7), the definitions of k,, k, and k,, and neglecting the term 


[H,As]aq because Caq is sufficiently low in the majority of experiments, it follows 
that 


D = 2kk,/g¢PC (8) 


where ¢ is a constant defined by 


(9) 


Values of C,, D, log D and log Cay are given in Table 3, and log D is plotted against 
log Cag in Fig. 8. The normalized curve log y = log (x + 1) (ef. Ref. 4) fits the data very 
well except for values of C, > 10°? M in keerosene and CCI, (where [H,A,]aq cannot 
be neglected). The horizontal asymptote (log } 0) gives log k,/gy and the point 


of intersection of the two asymptotes gives log 2k,k,/¢. The value of can be cal- 


culated from equation (9) assuming that the value of k, — 10-' °°! determined 
by Dyrssen in 0:1 and | M HCIO,-NaClO, solution can be applied to | M HNO, 
solution (the activity coefficients of | M HNO, and | M HCIO, are not equal, but 
the values of D for a given concentration of HDBP in 1 M HNO,/kerosene and 
1M HCI10O,/kerosene are equal within experimental error). 
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TABLE 3.—THE DISTRIBUTION OF HDBP perween AQUEOUS—ORGANIC SOLVENT SYSTEMS 


Solvent C, D Log D Log Cao* 


Odourless 10°° 0-011 1-9586 5-000 
kerosene 0-021 1-6338 4-000 
10° 0-115 0-9393 30479 

1M HNO, 5 10 0-420 0-3768 2-4529 
1-25 10° 0-950 0-0223 21931 

2:5 10° 1-51 01790 20015 


2-45 1-8390 


0-455 00-3420 5-1625 

Benzene 5 10 0-812 0-0904 4-§593 
0-0453 43243 

| M HNO, 5 10-* 3-06 0-4857 3-9096 
10 4:24 0-6274 3-7194 

6 10 10-6 1-0253 3-2864 

5 10°? 10-0 1-4771 2-:7923 


0-8097 
CCl, 0-45 03465 4-1618 
$-25 x 10-* 1-3 0-1173 3-643 


0-720? 


1M HNO, 


Nitrobenzene 


1M HNO 


CHCl, 


0-1 M HClO, 


CHC! 


1M HClO, 


D) 


Values of log k, and log k, calculated from the fitted curves in Fig. 8 are sum- 
marized in Table 4, together with approximate values of log k,, calculated from the 


equation 


Ky = kok (10) 
(derived from the definitions of the constants) and assuming the value of Ky 13 
(calculated by Dyrssen™’). The experimental errors given in Table 4 were estimated 
from the fit obtained between the normalized curve log ) log (x 1) and the 


experimental points. 


137 
x 10 
of 
525 If 25 30532 
ol, 10 17-0 1:2304 2-5565 
959 10 0-81 0-091 4-258? 
4x 1-21 0-0828 3-7424 
10 1-82 0-260! 3-4505 
1-5 10 2:76 04409 3-1773 
a 6 10 4-34 0-6375 2-9494 
10 1-22 00864 $346 
2-20 0-3424 4-505 
i 10 6-60 0-8195 
10°? 43-0 16335 2-944 
10 2-12 0-3243 5-492 
§-25 10°* 9-3 ()-96S 4-793 
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The association constant between HDBP and TBP in kerosene and C HCl,. In 
two-phase systems of HNO, (or HC l1O,) and HDBP in kerosene and C HCl, the 
values of ky, k, and k,, have been calculeted If HDBP associates in the organic 


For data above this line 


see left-hond upper oais 


1959 


x The plot of log D against , for HDBP in aqueous—organic solvent systems 


phase with TBP added to that phase the distribution coefficient for HDBP will 


increase according to" 


TBP]orz) (11) 


where Kp» and g have been defined previously. With a high value of or a high 
specific activity of HDB*P the concentration of HDBP dimers could be made 
negligible. However, with 1:10 (1 M acid) and [HDBP] initially 10-° M, TBP has 
to compete with HDBP dimerization. A further term can therefore be introduced 
into equation (11) to give 


4 Kr ppl TBP]org) (12) 


With this equation Dyrssen™ calculated rnp — 40 for TBP in CHCI.,. 
In a two-phase system containing HNO, (or HCIO,) we have the additional 
effect that 


TBP + HNO, (or HCIO,) = TBP-HNO, (or TBP-HCIO,) (13) 
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Taste 4 


SUMMARY OF DIMERIZATION AND DISTRIBUTION CONSTANTS 


FOR HDBP IN AQUEOUS-ORGANIC SOLVENT §\ STEMS 


Solvent 
aqucous OF H og 2k y’ l og Log k Log 


system (Fig. 8) (Fig. 8) 


OK 
| M HNO, 


CCl, 3 2-40 
1M HNO, 


Benzene 93 
1M HNO, 


CHC! 0-34 4-05 
0-1 M HCIO, 0-04 0-01 0-13 
(DYRSSEN) 


CHC] $§ 34 
0-1 M HCIO, 0-06 0-02 0-2 
(HARDY) 


CHC] 4-6 0-28 
1M HCIO, 0-06 0-02 0-2 
(Harpy) 


Nitrobenzene 


Hexone 5 1-36 2-80 
0-1 M HCIO, 0-03 0-01 0-12 
(DYRSSEN) 


H,O 
(DyYRSSEN) 0-07 


in the organic phase and that the total concentration of TBP must be corrected for 
the concentration of the TBP-HNO, complex to give the concentration of free TBP. 
‘he concentration of TBP- HNO, can be calculated for given concentrations of TBP 
and HNO, from the data of ALCocK et a/. 

Data are given in Fig. 7 for values of D at total concentrations of HDBP of 


10-° and 0:05 M, and at concentrations of TBP from 3.44 © 10-3 to0-68 M. Values 
Of obtained by the substitution of D, corrected [TBPlorg, ky = 603 10”, 
4 k, = 0011, and g 1-10 in equation (12) are given in Table 5 for a total concen- 
tration of HDBP of M. 
4 At low values of [TBP]org (<<0:03 M or 1° v/v) the mean value of & Ri 680 
80 (log = 283) but at values of (TBP]org >03 M, Krpp is considerably 


K. Atcock, S. S. Grimiey, T. V. Heaty, J. Kennepy and H. A. C. McKay, Trans. Faraday Soc. $2, 
39 (1956) 


+ 0-06 0-02 0-2 
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VALUES OF D AND Kgyyp AS A FUNCTION OF [TBP] org 


Total [TBP] or¢ 0 3-44 3-44 3-44 6°88 


Corrected [TBP} re 0 31 10°° 1 10°? 31 10°! 62 10°' 


D 0-009 0-033 


16100 


higher. This is probably due to the modification of k, and k, by > 10° v/v TBP 


in kerosene. A comparison of the experimental value of D with the value calculated 


by substitution of ky», 680 in the simplified equation (11) is given in Table 6. 
The agreement is very good for 0-1 and 1°, TBP and poor for >1°, TBP). 


COMPARISON OF D (EXPERIMENTAL) WITH D (CALCULATED) FOR 
10°-° M HDBP TBP/kerosene/| M HNO, 


TABLE 6 


v/v TBP 0-1 l 10 20 


Corrected [TBP] 


D icale.) 


D (expt.) 


DISCUSSION 


The distribution and dimerization of HDBP in aqueous—organic solvent systems 


Measurements of the distribution of **P-labelled HDBP between aqueous and 


organic phases have enabled the dimerization constant (k,) and the distribution 


constant for the monomer (k,) to be calculated. The values of these constants are 


summarized in Table 4 and compared with the values obtained by Dyrssen™? for 
CHCl, and hexone. As predicted by Dyrssen k, is higher in CCI, than in ¢ HCl.: 
the highest value of k, (log k, = 5°78) was obtained in the non-polar solvent kerosene. 
While the value of k, for CHCl,—0'1 M HCIO, in the present work agrees with that 
calculated by Dyrssen the values of k, are s gnificantly different (log k, = 421 and 
448 respectively), and no satisfactory explanation can be offered. In the present work 


D, was consistently 1-33 times lower than that obtained by Dyrssen. Also the 
two values of Dy yy)» given for CHCI,—1 M H¢ \O, by Dyrssen do not fit the expected 
‘ log } log ( |) curve, but one of the values agrees very well with our present 


data. From the latter we obtain values of k, and k, (Table 4) very similar to those 
for the 0:1 M HCIO, system. 
DyRSSEN has compared the association of HDBP in CHCl, with the association 


of carboxylic acids, which have values of log k, of the order of 1-2°5; he points 


out that in CHCI, there is a general tendency for k, to increase with the dissociation 


constant and with &k However for HDBP in a number of solvents the tendency 


the association between HDBP and the solvent. 


is for k, to decrease with increase in k, (Fig. 9) and k,, (Fig. 10), due to increase in 
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0-032 0-23 2:2 44 
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OYRSSEN 


CHC | ,/0 IMHCIOg 


log 


Correlation of log &, and log Fic. 10.—-Correlation o 


The distribution data for HDBP between kerosene and 0-15 M HNO, can be 
qualitatively explained on the basis of 

(1) equations (1) to (3) in the aqueous phase, 

(11) equation (14) in the organic phase, 


2HDBP —~ (HDBP), (14) 


and 
(ii) the distribution of HDBP, (HDBP),, and HDBP HNO, between the two 
phases, the distribution constants of the HDBP and (HDBP), (k, and k,,) 


having been defined previously 


At an initial total [HDBP] = 0°05 M the equilibrium total [HDBP],. (an inverse 
curve to that in Fig. 3) varies with [HNO,] in an identical way to the solubility of 
HDBP (Fig. 1). The interpretation of the decrease in D it high [HNO,] as 
being mainly due to the formation of HDBP- HNO, implies that this species has a 


distribution constant in favour of the aqueous phase 


At all concentrations of HDBP in <1 M HNO, D is markedly dependent 
upon [H*] due to the repression of the dissociation of HDBP. At relatively low 
[HDBP] (10-*-10-* M), where dimers are negligible in the aqueous phase but not 


in the organic phase, the value of Dy yy» between kerosene and >! M HNO, is 
approximately independent of [HNO,]. At <10-° M HDBP dimers in both phases 
are negligible and the distribution of the monomer largely verns Dy) in 1-6M 
HNO, (ic. However, the extraction of HDBP-HNO, becomes im- 
portant at > 6 M HNO, at <10-° M HDBP and increases if HDBP-HNO, 
distribution constant, [HDBP- HNO, 


predominates in both phases _ its 
8 M HNO.,. 


[HDBP’ HNOsg)},q, would be of the order of 0:03 in 
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The distribution and association of HDBP and H,MBP in TBP systems 


The data given in the present paper allow the calculation of the equilibrium 
distribution coefficients for HDBP and H,MBP in TBP-HNO, systems of practical 
importance over a range of [TBP] from 0:1 to 100°, v/v in kerosene, of [HNO3] 
from 0 to 15 M, and of [HDBP] and [H,MBP] either separately or together from 
10-* to 0-05 M. 

The distribution of HD BP in the TBP-kerosene~-HNO, system can be explained 
in terms of equations (1-3) and (13-14) with the addition of 


HDBPore TBP ore HDBP- TBP ore (15) 


With 20°, TBP (Figs. 5 and 6) Dy yp,» increases as [HNOgl]aq increases to 6 M, but 
there is only a slight increase in D in going from 10~° to 0.05 M HDBP at >0.1 M 
HNO,. Hence Dj; ;),,» is largely controlled by the association between HDBP and 
TBP (present in large excess). However, at constant [TBP], Dy py» will be largely 
controlled by [H*] at <1 M HNOg, due to repression of the dissociation of HDBP. 
The decrease in Dy; yp,» at >6 M HNO, is due both to the formation of HDBP’- HNO, 
and to the decrease in the concentration of “free’’ TBP by the formation of TBP’-HNO,. 

The increase in Dj, »,,) with increase in [TBP] at | M HNO, is shown in detail 
in Fig. 7. At relatively low [TBP] (<10°, v/v) there is a large difference between 
Dy ppp for 10-° M and 0:05 M HDBP, since TBP is always in large excess relative 
to 10° M but not to 005M HDBP. With the latter the dimerization of HDBP 
has a much greater influence on Dy,» at low [TBP]. The slopes of the log-log 
plots indicate a | : | molar ratio of HDBP : TBP and on this assumption the associa- 
tion constant has been calculated as 680 — 80 for [TBP]org <0 03 M. At 


higher [TBP]org the calculated ky)» increases rapidly, and the values of k, and k, 
in the absence of TBP obviously do not then apply for the calculation of Kyyp. 
The value of kyyp = 680 from these experiments can be compared with Ky» 


40 in CHCL, calculated by Dyrssen,”’ who recognized that this value was probably 
low due to the association of TBP with CHCl, and with H,O. Although the value 
of 680 is corrected for the association of TBP with HNO.,, and there is no association 
to be expected between TBP and kerosene, the association of TBP with H,O has 
not been considered; hence the value of kp,,» — 680 may also be low. The association 
of TBP with HDBP must be relatively strong (although not of the same order as the 
dimerization of HDBP) because Dy »),p is approximately independent of [HDBP] 
from 10° M to 0:05 M over quite wide ranges of [HNO,] and [TBP] (Figs. 6 and 7). 

An analogous interpretation can be given for the behaviour of H,MBP in a TBP 
kerosene-HNO, system (Figs. 5-7). The association of H,MBP and TBP has not 
been evaluated quantitatively since no dimerization or distribution constants have 
been determined in a TBP-free system due to the very low value of Dy yin». However, 
Dy; ssp increases as the 18th power of [TBP] for 10-° M and 0:07 M H,MBP in 
1-20°, TBP/1 M HNO,, indicating that the molar ratio of H,MBP : TBP is probably 
1:2. A saturated solution of H,MBP in 185° (0675 M) TBP at 25°C contains 
only 053 M‘H,MBP and the molar ratio of H,MBP : TBP is | : 0°78 under these 
conditions. A series of association complexes with molar ratios of TBP : H,MBP 
of 0:78 to 2 may therefore be formed depending upon [H,MBP]. A further 
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complexity in these systems is that H,MBP can form polymers of up to 10-15 units 
in organic solvents,’ whereas HDBP only forms dimers 

The variation of Dy y;y.» with [HNO,] in a TBP-kerosene system is more complex 
than that of Dy »»,p,. since both a maximum D (at 1-2 M HNO.) and a minimum D 
(at 9—13 M HNO,) are obtained. Insufficient data are available to even qualita- 
tively interpret the behaviour of H,MBP as a function of [HNO,}. 

H,MBP associates with HDBP in a kerosene-1 M HNO, system, and Dy yy), 
(Fig. 4) increases approximately as the 18th power of the initial total [HDBP] or 
the | Sth power of the equilibrium total [HDBP]org at >0°05 M HDBP. The addition 
of H,MBP to M HDBP in kerosene~1 M HNO, increases Dy; approximately 
as the 04th power of the total [H,MBP], and the distribution constant for the associa- 
tion complex must be greater than the distribution constant for the HDBP monomer 
(A OOL1). Dipyp is approximately independent of [H,MBP] added to 005 M 
HDBP (Fig. 4) except with a large excess of H,MBP (0:7 M total) in the aqueous 
phase, when Dj, »,» 18 slightly decreased. This implies that the distribution constant 
of the association complex is probably lower than that of the HDBP dimer (k,, = 5°6). 
The conclusions are therefore that H,MBP and HDBP form an association complex 
(or complexes) with a molar ratio of H,MBP : HDBP of 04 to 066 and with a 
distribution constant between kerosene and | M HNO, in the range 001 a mR 
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Abstract—The ultra-violet absorption spectrum of SnCl,5H,O and SnCl,:2H,O dissolved together 
in pure methanol or in methanol-carbon tetrachloride is greater than the sum of the spectra of the 
separate components in the same solvents. Analyses of these spectra have shown that the observed 
enhancement is entirely due to collisions between Sn(II) and Sn(IV) species. 


BROWNE et al." have shown that the enhanced ultra-violet absorption found for - 
SnCl,-5H,0 and SnCl,°2H,O dissolved together in aqueous solutions of hydrochloric 
acid results from the formation of small amounts of a weak complex (\H = 600 cal 
mole) thus: Sn(Il) + Sn(IV) A complex. Although these authors were unable to 
estimate K, they concluded that the rates of the isotopic exchange between Sn(II1) 
and Sn({V) in aqueous hydrochloric acid solution are probably not exclusively Vol, 


determined by the concentration of complex. 11 
1959 
EXPERIMENTAI 


The chemicals and techniques for this work have been described in the preceding paper.'*’ Solutions 


containing Sn(11) and Sn(1V) dissolved in pure methanol or in methanol-carbon tetrachloride were 
prepared in an atmosphere of dry nitrogen. The concentrations in moles per litre were varied between 
the following limits: SnCl,-2H.O (0-0289 03466): SnCl,5H,O (0-0152 0-1829): methanol 
(14-84 — 24-73). At least five solutions with different Sn(I1)/Sn(1V) concentration ratios were made 
at each methanol and Sni(II) concentration studied. The spectrum of each solution was measured 
against the appropriate solvent blank at 50 A intervals from 4000 A to the ultra-violet “cut-off” 
All measurements were made with a Beckman DU Spectrophotometer in a dry nitrogen atmosphere 
at 20 C as already described.'*’ It was shown that the optical density measurements could be re- 


to within 0-002 optical density units if the techniques described in the preceding paper 


METHODS OF CALCULATION 


A 


For the simple collision system: Sn(Il) Sn( lV) complex, 


K(Cy, CVC, C) (1) 


where C is the concentration of “collision complex” and C,, and Cy are respectively 
the concentrations of Sn(Il) and Sn(IV) salts added initially to the solution. 

The measured optical density of this system is related to the molar extinction 
coefficients («) of the separate components thus: 


D, = Ke(C,, CHC C) + Cy, C) + Cc) 


2 * This study was aided by a grant from the United States Atomic Energy Commission 


C. 1. Browne, R. P. Craic and N. Davipson, J. Amer. Chem. Soc. 73, 1946 (1951) 
M. M. pe Maine and P. A. D. pe Marne, J. Inorg. Nucl. Chem. 11, 13 (1959) 
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For C Cy, and Cyy, this equation becomes 


Dy measured optical density Ke.C €n Cy + &ryCry (2) 


Other forms of this equation are 


and (Kz Il ery ) (4) 


With data for systems with C,, constant, : 1, can be estimated by graphical solution 
of either equation (3) or equation (4). ey, can be obtained by solving equations 


similar to (3) and (4) with data for systems where C,y is constant. 


In the present work we have used this method to Study the system, methanol 
carbon tetrachloride-Sn(I]) —Sn(1V). Our results, for systems with methanol, carbon 
tetrachloride, and Sn(Il) concentrations held constant and Sn(IV) concentration 


varied, show that the observed enhancement is due entirely to the interaction between 
Sn(II) and Sn(1V) species. 


RESULTS 


In the preceding paper’*) we reported that solutions of SnCl,-5H 2O dissolved 


in pure methanol or in methanol—carbon tetrachloride Obey Beer's i for any fixed 
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Measured optical der sity 


Fic. 1.—Measured optical density versus wavelen; gth in mz for Sn(1V) and Sn(Il) dissolved 
separately and together in pure methanol. Concentrations are SnCl.-2H.O 0-0289 mole 
and SnCl,-SH,O—0-0914 mole/! 


methanol concentration: but they do not obey Beer's law when the solvent com- 
position is varied. SnCl,-2H,O solutions in a solvent of fixed composition do not 
obey Beer’s law. However, the molar extinction coefficients for a fixed Sni(Il) con- 


centration do not change with variations of the concentration of methanol in carbon 


tetrachloride. 
In the ere work enhanced ultra-violet absorption was found for SnC |, 5H,O 
and SnCl,-2H,O dissolved together in pure methanol and in methanol otha tetra- 


chloride (Fig. 1). This enhanced absorption is gradually decreased, but never entirely 
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eliminated, by decreasing the concentration of carbon tetrachloride in the solutions. 
In other experiments we found that the optical density of these solutions does not 
vary significantly with time, and that it decreased by less than five per cent when 
the solution temperature was changed from thirty to twenty degrees. Thus the 
enhanced ultra-violet absorption appears due to perturbations arising from collisions 


between Sn(I1) and Sn(1V) Species. 


| density/concentration of Sn(lV) versus concentration 
f Sn(il)/concentratk { St t the indicated wavelengths for pure methanol solutions 


yinal data are given in Table 1 


Spectrophotometric data for a series of solutions with varied Sn(1V) concentra- 
tions, and unvaried Sn(I1) and methanol concentrations. fit equations (1) to (4) exactly. 
This is demonstrated for pure methanol and Sn(II) concentration of 0-0289 mole/I. 
in Fig. 2. Our data is displayed in Table |. Molar extinction coefficients for Sn(II) 
obtained by graphical solution of equations (3) and (4), or from direct measure- 
ments for Sn(II) dissolved alone in the same solvent, are compared with the measured 
values for Sn(1V) in Table 2. 

Values for Ke, [defined for equation (2)], calculated from the average slopes for 
equation (3) and the measured extinction coefficients for Sn(IV) are tabulated in 
Table 

DISCUSSION 

Were the weak enhanced absorption found for Sn(Il) and Sn(1V) dissolved 
together in pure methanol or in methanol-carbon tetrachloride negligible, the quantity 
(Ke.Cy; + yy) defined for equation (2), should nearly equal the molar extinction 
for Sn(IV), e;y, given in Table 2. In all our studies it was found that the values for 
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(Ke.Cy, 
at all wavelengths between 2950 A (the lower way elength limit of our measurements) 
and 3200 A. Values for . iy In Table 2 can be compared with (Ke.C;; + e,~) values 
in Table | for pure methanol 


yy ) were between five and twenty-five times the corresponding ¢,, value 


lhe striking agreement between the pairs of values for (Ke,C,, Ery + 1) 
(Table 1), obtained by solving separately equations (3) and (4). confirms the applic- 
ability of our model. Other support comes from the good agreement between the 
measured and calculated molar extinction coefficients for Sn(Il) (Table 2) 


TABLE 1.—DaATA FOR PURE MI THANOL SOLUTIONS OF Sn(IV) AND Sn(ID 
WHERE THE SnCl,-2H,O CONCENTRATION Is 0-0289 mole 
( and tv? (designated by y) are defined for 
equations (3) and (4) 


0-0152 0-0305 00610 06-0914 0-1829 


SnCl,-5H.O cone. 
SnCl, H, cone (M) (M) (M) (M) (M) 


Wavelength (A) Measured optical density 


2950 0-997 1-080 1-235 1-335 

3000 0-539 0-596 0-681 0-768 1-000 
3050 0-285 0-316 0-356 0-400 0-531 
3100 0-152 0-165 0-182 0-200 0-260 
3150 O-OR 1 0-093 0-095 0-104 0-128 
3200 0-047 0-052 0-054 0-057 0-066 


ilues from equation (3) Values from equation (4) 


2950 32-80 4-28 37-08 32-40 4-50 37-10 
3000 17-79 2-68 20-74 17-15 2-95 20-10 
3050 9-20 1-45 10-65 9-00 1-60 10-60 
3100 5-00 0-62 5-62? 4-89 0-72 5-61 
3150 2-80 0-45 3-25 2:65 0-40 3-05 


3200 


More than eighty-six independent calculations were made and in all cases results 
were consistent with the proposed model. This agreement for systems with fifteenfold 
variations in concentration of tin species further validates our conclusions. 

Ke, defined for equation (2), appears to be a linear function of the solvent com- 
position (Fig. 3). This relationship cannot be explained in terms of Sn(II) concentra- 
tions (Table 3). An equilibrium process which seems to explain all the facts is as 
follows: 


Sn(IV) (mononuclear Species) nMeOH *: MeOH) 


and Sn(IV) (mononuclear species) + Sn(11) < collision complex 
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TABLE 3.—VALUES FoR Ki 
CHLORIDE SOLUTIONS AT 20 € 


IN PURE 
THESE 


METHANOI 
VALUES FoR K; 
THE CORRESPONDING EXTINCTION 


AND IN METH 

WERI 

SLOPES FOR EQUATION (3) 
AND Sn(1V) ARE TABULATED IN TABLE 


Methanol 


18-80 
(mole/l.) 


23-74 22:75 20-77 


SnCl,-2H,O 
(mole/l.) 


0-0289 03466 060-1733 0-1444 0O-1155 


W avelength 
(A) 


2950 
3000 
3050 
3100 
3150 
3200 
3250 
3300 
1340 


3400 


c 


Conc of methanol 


perature ts 


Ki 


20 ¢ 


FIG versus the methanol conce 


As 


os of if 


values were obtained by er 


Decreased concentrations of methanol should increase the 
complex”. 
The absorption band edge for the “collision complex” 


methanol-carbon tetrachloride, defined by the product Ke, | 


— 


However, no determination of K, and n could be 


IV) 


ANOL-CARBON TETRA- 


ALCULATED FROM THE 


FICIENTS FOR 


0-OR866 0-O578 


> amount of “collision 


made.'* 


pure methanol or in 


Table 2) appears to be 


: 
149 
81682 1482 
| 
q 
4 
132-9 
84-40 
44-63 R674 94-98 
13-84 17-54 20-84 30-56 %49 89-44-64 
4 6°72 9-12 9-97 13-59 16-98 18-34 
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significantly less than the value reported for concentrated hydrochloric acid—water 


solutions.'» 


Possible undetected contamination of the SnCl,-2H,O with SnCl,5H,O would 
not affect any of our conclusions. If C,, is too large by 5 per cent and C,, is too 


small by 5 per cent, the values for ¢,; will be 5-3 per cent too low. The observed 


linearity of graphs presented in this paper would be unaffected. 
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THE VISIBLE SPECTRA OF SOLVATED COPPER(II) LIONS 
IN ANHYDROUS PICOLINE SOLUTIONS 
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School of Chemistry, Georgia Institute of Tec..nology, Atlanta, Georgia 
(Received 18 December 1958) 


Abstract—The visible spectra of anhydrous solutions of copper(II) nitrate and perchlorate in 2- 
picoline, 3-picoline and 4-picoline have been investigated at various concentrations. It has been 
found to be possible to give a rather detailed picture of the solute in these solutions by means of 


ligand field theory arguments. The spectra are found to be very sensitive to ion-pair formation 


IN the course of another investigation it was observed that when lithium perchlorate 
is added to an anhydrous solution consisting of copper(II) nitrate dissolved in 2- 
picoline (2-methylpyridine) a colour change takes place. The characteristic blue 
copper(II)-amine colour becomes distinctly violet. This observation prompted an 
investigation of the visible spectra of anhydrous solutions of copper(II) nitrate and 
copper(II) perchlorate in 2-picoline, 3-picoline and 4-picoline 

The solutes are found to exist in solution essentially as neutral ionic aggregates at 
concentrations greater than about 10°* M. It is believed that this is the first 
reported instance of a change in the d-d transition spectra brought about by 
ionic aggregation. By applying ligand field theory arguments to the observed spectral 
behaviour it has been found to be possible to reach certain tentative conclusions 
about the geometrical arrangement of these ion triples. 


EXPERIMENTAI 
Materials. The 2-picoline, 3-picoline and 4-picoline were dried over potassium hydroxide for 


several weeks. They were then fractionally distilled twice through a 50 cm packed column at 


The nitrate and perchlorate salts of 


atmospheric pressure and stored over potassium hydroxide until used 
} } 


ne irious copper(11)-picoline compiex cauions were prepared 

in the following manne Tt ippropriate hvdrated salt “i in an of the 
TOLHOW manner! ne apt OF ate hydrated Coppel Sait W ved in an CXCess ine 

desired prcoml e and the bulk of the water was removed from the sys reduced pressure azeo- 


tropic distillation with benzene. The solid complex salts were then ot 


picoline at room temperature and reduced pressure, and rec 
Dv the same procedure The solid con p ex salts were then stored en set 
chloride until used. This procedure was found to be the most conveni 
anhydrous complex salts, because of the well known difficulty of preparing anhydrous copy 
nitrate and perchlorate, and because the anhydrous solutions were found to decompose rapidly 
about 50 (¢ The nitrate salts obtained in this fashion were all blue crys ne solids and the 1 
lorate salts were all violet crystalline solids. No detailed analysis of the crys ne salts was attempted, 
because even after long evacuation at room temperature a pronounced odour of picoline was still 
observable over the solids 

Stock solutions of the complex salts in the corresponding picoline were prepared and the copper 
concentration of each solution was determined by standard electrodeposition methods. These 
solutions were stable for about two weeks at room temperature when not exposed to atmospheric 
contamination. After about two weeks, detectable differences began to appear in the visible spectra, 


presumably due to oxidation of the solvent. Therefore, no solution ‘pt for longer than four 


days. No particular precautions were taken to prevent the contamination of the solutions by water 
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vapour, except that unnecessary exposure to the atmosphere was avoided, since small amounts of 
water in the solutions had no appreciable effect on the visible spectra. 


{hsorption measurements. The continuous variations study was carried out using a Beckman 


(Model DU) spectrophotometer with 1-0 cm matched silica cells. The spectrum of the 2-picoline 


solutions with a copper concentration of 10-* M was taken using a Beckman DU spectrophotometer 
: 


fitted with a locally constructed 35 cm Pyrex cell. All other absorption measurements were taken 


vith a Beckman DK-1I recording spectrophotometer using 1-0 cm and 10-0 cm matched silica cells. 
All spect 
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a were determined at least twice using different standard solutions and in no case were 
lerences greater than instrumental error observed between comparable spectra. 


RESULTS AND DISCUSSION 


ihe spectra of the copper(II) nitrate and copper(II) perchlorate salts in the various 
picoline solutions are given in Fig. 1. 
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fic absorbance vs frequency ata concentration of 0-05 M. 1. ¢ u(2-pic),(NO,),; 


Cu(2-pic) (CIO,), 3. Cul4-pic),(NO,) 4. Cu(4-pic),(C1O,),; 
5. Cu(3-pic)(NO,),; 6. Cu(3-pic),(€ 1O,4), 


> 


It is clear that there are only minor differences in the spectra of the 3-picoline 


and 4-picoline solutions at this concentration while the spectra of the 2-picoline 


solutions are markedly dependent upon the anion present. 


The effect of the anion present on the spectrum of the cation should decrease 


ay 
500 _ i200 1000900 800 _ 700 6CO 500 400 
4 
60 
40 
€ 
q 
\ 
“4 f 
60 
: ; \ 
€ f 
40 
= 20 3 
4 
2 4 6 
~ 
é 5 2 4 20. «22 24 
FREQUEN 
Fic. 1 Spec 


The visible spectra of solvated copper(II) ions in anhydrous picoline solutions 153 


with decreasing concentration regardless of the type of cation—anion interaction 
responsible, and provided that sufficiently low concentrations can be studied experi- 


mentally, the observed spectrum should become essential independent of the anion 


present. Therefore, the spectra of the above systems were determined as a function 


of salt concentration and the position of the maximum absorption is shown in Fig. 2. 


LOG CONC 


1. Cu(2-pic) (NO,) 2. Cu(2-pic), (ClO,) ( 
4. Cul4-pic) (NO.) 5. Cu(3-pic),(NO,),: 6. 


Clearly there would seem to be considerable cation—anion interaction in all cases 


rhis is not unexpected due to the rather low dielectric constant of the solvents 


Because of the striking behaviour of the 2-picoline solutions, a modified con- 


tinuous variations study was carried out to determine the composition of the species 


in solution. Various amounts of 2-picoline solutions of ¢ u(2-picoline),(NO.),, and 
72 


of Cu(2-picoline),(C1IO,), of equa! concentration were mixed and the specific absor- 


bance was determined at several different way elengths. The results of this procedure 


are shown in |} ig. 3. 


Thus it would seem that in the solution containing equal amounts of nitrate and 


perchlorate ions the principal species at this concentration is a neutral species 
containing one nitrate and one perchlorate ion for each copper. It would seem to be 


a reasonable conclusion that two anions are closely associated with each dipositive 


cation in all of the systems at the higher concentrations 


This conclusion was also supported by making plots of specific absorbance vs 


wavelength for a number of different concentrations for each of the perchlorate 


salts. In no case did these plots show an isosbestic point. Therefore, there must be 


more than two absorbing species present and the principal species at the higher 
concentrations must contain more than one anion. 
Steric hindrance in the copper (I1)-2-picoline complex cation might help to 


account for the difference in behaviour between these solutions and the solutions of 


' 
3 4 
° 
° 
(4 
-4 
ol, ? 
4 
)59 FREQUENCY CM x 
Fic. 2 Positio 
tratior 
= 


154 D. J. ROYER 


the 3- and 4-picolines. Therefore, Fischer-Hirschfelder type models of the three 
different complex cations were constructed. The models indicated that with either 
3-picoline or 4-picoline as the attached ligand, it should be possible for copper(II) to 
assume the slightly distorted octahedral configuration characteristic of copper(I1)" 


Method of continuous variations: Solutions of (¢ u(2-pic),(NO,), and 
Cu(2-pic),(CIO,), both 1-0 M dissolved in 2-picoline 
mixtur clo, x",ClO, NO; x°,NO, 


Fr 


with negligible steric hindrance. In the case of the 2-picoline, however, it proved to 
be impossible to attach more than four ligands to the copper ion, and then only if 
the ligands are placed in a planar configuration about the central atom with the 
planes of the ligand rings normal to the plane of attachment to the copper atom with 
the methyl groups of the picolines alternately above and below the plane of ligand 


{cta Chem. Scand. 8, 1275 (1954) 
f ld. 29, No. 4 (1955) 
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‘ J. Bserrum, C. J. BALLHAUSEN and C. K. JorGENSON 

J. D. Dunitz and L. E. Orcer. Nature. Lond 179, 462 (1957) 
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attachment. This configuration is shown in I ig. 4. Even in this configuration, there 


is a small amount of interference between the opposing methyl groups which might 
tend to increase the copper—nitrogen distance slightly. The position of the methyl 


groups is such that the remaining octahedral positions on the central atom are 


covered so completely that co-ordination of additional ligands is very unlikely. 


Certain tentative conclusions regarding the nature of the solute in these solutions 


can be reached by applying ligand field theory arguments to the spectral evidence, 


assuming that the models just described are reasonabl\ accurate representations of 


the cations. The d® electronic system of copper(II) would be expected to give rise to 


three absorption bands in the visible region of the spectra when subjected to a tetra- 


gonal field.“ Thus. three absorption bands should be observed regardless of 


Taste 1 RESOLUTION OF THE EXPERIMENTAL ARS IRPTION RVES OF THE 2-PICOLINI 


SOLUTIONS INTO GAUSSIAN COMPONENTS 


Concentration 
Solute 


(M) 


Cu(2-pic) (CIO ) 0-05 15,500 2 
i/2 
18.200 


ty 


11,500 
Cu(2-pic),(C1IO,) 1-0 15,000 38-5 1800 
17,000 38-5 1800 


9900 13-7 1600 
Cu(2-pic),(NO,) 0-05 13,900 39-§ 1900 
16,700 40-5 1900 


The Gaussian curves ire defined by the expre or xp )9 


absorbance 


whether the effective arrangement about the copper ion in the solution is square 


planar or distorted octahedral. However, the experimenta absorption curves show 


only a single very broad. somewhat asymmetric peak as is fre uently the case with 


copper(II) complex species. Therefore, the procedure of BELr RD ef al. was 


followed. Each absorption curve was resolved into the three best Gaussian curves by 


trial and error. These Gaussian curves were taken to be the three adsorption bands 


a predicted by the theory. The results of this resolution for t i¢ 2-picoline solutions 
. are shown in Table | Disregarding the “blue tail” of the ultra-violet absorption, the 
f sum of the three reported Gaussian curves differs from 1 experimental curve by 


less than the probable error of the experimental curve at all points 


There would seem to be two possible causes of the spectral differences between 


the concentrated and the dilute solutions: either picoline molecules in the co-ordina- 


tion sphere are being displaced by anions or the basic structure of the complex cation 


remains essentially unchanged and the spectral changes are of an electrostatic origin 


The mode were constructed w in assumed copper-nitrogen dist 20 A 

For rev ol va theor a) J. S. Grove dL. E. Juart. Re 11, 38 1987) 
(b) W. Morrtrr and C. J. BALLHAUSEN. 4 Re Phys. ¢ m. 7,107 (1 

R. L. Betrorp, M. Carvin and G BeL_rorp, J. Chem. Ph 26, 
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due to ion-pair formation. A consideration of the spectral shifts predicted by the 
theory would seem to rule out the first of these possibilities in the 2-picoline solutions. 
Ihe substitution of nitrate ions or perchlorate ions for two of the four 2-picoline 
ligands would not significantly alter the symmetry of the ligand field at the copper 
atom. Thus there should either still be three absorption bands if only one species is 
present or two closely spaced sets of three bands each if both cis and trans isomers 
are present.) In either case the most noticeable effect would be a general shift of 
the absorption spectrum to lower frequencies with the higher frequency portions of 
the spectrum shifting somewhat more than the lower frequency band. The experi- 
mental curves do not show this behaviour. 


Fic. 5.—Crystal field splitting of the d orbitals for the proposed species. 1 1encies are 


observed energy < ference be yveen th yrbital and | orbital. 


It is, however, possible to rationalize the spectral behaviour of the 2-picoline 
solutions on the basis of “outer co-ordination sphere” or electrostatic effects. An 
examination of the model of the cation shows that, assuming no distortion of the 
structure of the cation, the position of closest approach to the copper ion, for either 
a perchlorate ion or a solvent molecule, is along the z axis of the complex cation. 
This distance of closest approach is about 5 A for either species. Thus the overall 
Structure of the species in solution should approximate a highly distorted octahedron 
with either solvent molecules or perchlorate ions occupying positions on the z axis 
outside the methyl groups of the 2-picoline molecules. Arguments similar to those 
used by BeLrorp ef al.’ may be used to interpret the spectra as due to Cu(2- 
and Cu(2-picoline) ,**-2(2-picoline) respectively in the concen- 
trated solution of the perchlorate salt and in the dilute solutions. The d,, +d.» |. 
transition, since it is independent of the field in the = direction, should appear at the 
Same position in both spectra. Therefore, this transition is attributed to the peak 
which appears at 15,500 cm™' in the concentrated perchlorate solution and at 
15,000 cm™' in the dilute solutions. The 500 cm”! difference is probably primarily 
due to uncertainties in the resolution of the concentrated perchlorate spectrum. The 
d.2—> d,s and the d,..d,.—»+d.»_.» transitions in the concentrated solution must 
then be attributed to the large peak at 18,200 cm~', the size of which makes it seem 
probable that it is actually two superimposed bands. This assignment is shown in 
Fig. 5. 
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As the field in the = direction is increased by replacing the perchlorate ions by 
solvent molecules the energy of the d,. orbital will clearly increase much faster than 


that of the d_, pair, thus leading to the assignments 11,500 and 
d.,, —» d,»_,2 17,000 cm“ for the ion Cu(2-picoline) ‘2(2-picoline) found in the 


dilute solutions. This behaviour would be somewhat analogous to the “‘red shift” 
observed in the system containing copper(I!), ammonia and water.” 

The spectra of the concentrated nitrate salt solution clearly cannot be interpreted 
on the same basis as the perchlorate containing species, as this would require the 
nitrate ion to have a larger effective Dq value than the 2-picoline molecule. A re- 
examination of the model of the cation indicates that, in contrast to the perchlorate 
ion and the 2-picoline molecule, a nitrate ion because of its smaller size can probably 
approach the copper ion as close, if not closer, in the x; plane between the ligand 
rings as it can on the = axis. Thus another possible configuration of the nitrate 
containing species would be Cu(2-picoline),?*-2(2-picoline) as in the dilute solutions 
plus two nitrate ions in the xy plane between the ligands. The addition of two point 
charges in this position would perturb all of the d orbitals and therefore the assign- 
ment of the individual transitions becomes much more uncertain. The d.. orbital. 
which has a large non-zero wave function at these points, would be expected to have 
its energy increased the most while the remaining orbitals would be affected to a 
lesser extent. These changes lead logically to the assignment given in I ig. 5 

[he spectral behaviour of the complex copper(I1) salts in 3-picoline and 4-pico- 
line solutions, due to their very similar spectra, cannot be discussed in the same 
detail as the 2-picoline solutions. The amount of steric hindrance in the complex 
ion 1s clearly less than in the 2-picoline solutions, and a change in the model used 
from the four co-ordinated planar to the six co-ordinated distorted octahedral 
configuration must be made. 

The observed general shift of the absorption curves toward lower frequency 
upon dilution would be consistent with increasing the electric field at the copper ion 
in any direction except directly toward the four tightly bound ligands in the x) plane. 


The replacement of the two antons found associated with the cation in the concentrated 


solutions by solvent molecules would be expected to bring about this increase in the 
field. The anions in the neutral species probably do not occupy the distorted octa- 
hedral positions on the z axis. This configuration would mply that the frequency of 
the d > d,s,» transition should be approximately the same in the concentrated 
solutions and in the dilute solutions, as was found in the Cu(2-picoline), (ClO,), 


? 


solutions. It was found that the experimental absorption curves for both the 3- 
picoline and the 4-picoline solutions could not be resolved into three Gaussian 
components such that one component appeared at approximately the same frequency 
in both the concentrated and in the dilute solutions. 

Due to the large size of the ligand molecules and their relatively free rotation 
about the copper—nitrogen bond, the position of closest approach for the anion is 
probably in the centre of one of the octahedral faces. This configuration would be 
consistent with the observed spectral behaviour of both the nitrate and the perchlorate 
salts. 

The crystal field theory obviously offers a far from complete picture of these 
absorption spectra. The intensity and the width of the absorption bands have been 


completely ignored in this discussion, while it can be seen that both of these quantities 


: 
ao 
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vary from solution to solution. About the only regularities to be observed are that 


the lowest energy transition is in all cases the least intense. and in general the less 
intense bands seem to have a somewhat smaller half-bandwidth. 

The resolution of the experimental curves into Gaussian curves. while without 
theoretical foundation, does have some precedent.>" Indeed it would be somewhat 
surprising that a general absorption curve could be resolved into a very few Gaussian 
curves Of approximately the same half-bandwidth unless the individual absorption 


bands were at least very nearly Gaussian. 
ut—The author wishes to thank Dr. H. M. N&EUMANN for many helpful discussions 
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Half-life of *°°Np* 


(Received 21 April 1959) 


For a number of years the beta emitting isotopes of neptunium, ***Np, have been used in this laboratory 


in process development work and in studies of the kinetics of virtual oxidation—reduction reactions 


In an effort to reduce the amount of manipulation of the neutro: idiated uranium samples, a 
study was recently undertaken to determine the minimum amount of chemistry to be performed 
concomitant with high purity of the resulting product. Because of ¢ complex decay scheme of 

‘Np the only readily feasible method of dete mining the radioac surity of the product was to 


follow the decay of suitably mounted samples. From the resulting decay curves an accurate value 


for the half-life of "Np was determined 


A sample of U,O, depleted in U was irradiated in the periphery of the central thimble of the 
Argonne National Laboratory reactor CP-5 The san ple was dis ¢ n concentrated nitric acid. 
ind a small amount of lanthanum nitrate was 1ided to the solutio Sulphur dioxide iS passed 
through the solution. and hvdrofluo ic acid was added to precinitate 1 lanthanum as Laf The 
precipitate was met ithesized with sodium nvydroxide, washed thoro vith water, and redissolved 
in nitric acid. The nitric acid solution was oxidized with < dium bre te and hydrofluoric acid was 
added. The supernatant from this step was reduced with sulph Ir dioxide na igain lanthanum was 
added to precipitate the fluoride. After a hydroxide met ithesis ¢ precipitate was dissolved in 
nitric acid and oxidized with sodium bromate. This solution was <a ted with alumi n nitrate 
and contacted with diethyl ether. The ethe phase was scrubbed w three separate equal volume 
portions of a solution saturated in aluminium nitrate, app: oximately 5 \ 1 nitric ac nd O-1M 


in sodium bromate. The **Np was then stripped into 


sodium nit 


An aliquot of this sample (Run A) was mounted on a § mil p im plate, and the decay was 


foliowed using an end-window proportional flow counte This cx iS ¢ TT 7 »” a high 


degree of stability nad consequentiy normalization of the observe by eans of stand 


The dec 


A portion of th wie re-o | ica iC i per cen 


tributy! phosphate dissolved in toluene, and then s ppe toana ve ng sodium r ¢ 
This mate was then furthe purified by using a thenoyltrifluor et e (TTA) extraction CVCie 
An aliquot of this sample (Run B) was counted for a period of 17 s. This decay curve is also 
shown in Fig. | and is characterized by linearity thro izhout the pet f the measurement 

A second bombardment was purified by the lanthanum fluoride cvc the ether cvc nd the 
ITA cvele. An aliquot of this material was mounted, and the dec s followed for 18 davs 
(Run C) \ portion of this imple was further pu ihed using an anor xchange separation sc reme 
that has been described The decay of an iliquot of thas sampie was f ved for 21 day Run D) 


* Based on work performed under the auspices of the U.S. Atomic Energy Commission. 


J.C. Hinpman, D. Conen and J. C. SULLIVAN, Proceedings of the Int: il Conference on the Peacefu 

Uses of Atomic Energy, Geneva, 1955. Vol. 7, pp. 345-354. United Nat New York (1956) 

For details of the lanthanum fluoride cycle and diethlether separation ¢s E. K. Hype, The Actinid 
Elements (Edited by G. T. Seasorc and J. J. Karz). Plutonium Project Record, NNES. Div. IV. Vo 
14A, Chap. 15. McGraw-Hill, New York (1954) 

*’ This counter is an ANL modification of the end-window proportional, flow-type counter 
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Notes 


In all of the last th ee § implies the slope of the decay cur ve was Invariant with respect to time over 


the entire period that the sample was counted. Table | summarizes the values of the half-life calculated 


least squares technique after small corrections were ipplied for coimcidence losses at the 
ates. The uncertainties listed are the standard deviations in days 


e data presented in Table I we calculate an average value for the half-life of 2-366 days 


iverage Standard deviation of 0-006 days By analysis of the data of Run A in terms of 


da single unknown impurity, it was possible to obtain a half-life value in satisfactory 


TABLE | 


Days deca‘ No. of points Half-life (days) 


2-367 0-004 
2-368 0-008 
2-364 0-005 


agreement with the other runs. The least squares half-life values were 2-360 ~ 0-005 davs for 2 ‘Np 
and 98 6 days for the impurity. These values were used to calculate the smooth curve of Run A 


in Fig. 1 


The currently accepted value'*’ for the half-life of “*Np is the determination by WisH The 
hal 


average half-life reported in that communication was 2-346 0-004 days with the average standard 


deviation listed as the uncertainty. This determination contains sufficient data to make a comparison 


with the value reported in this present work 
To put the comparison on a more reasonable basis, we have calculated the 99 per cent confidence 
interval for the two sets of observations The results are then 2-366 0-012 days and 2-346 0O-O16 
days for the respective values. In addition a factorial analysis’*’ on the two sets of data indicates the 
* D. Stromincer, J. M. HOLLANDER and G. T. SEABORG. Re Mod. Phys. 30, 585 (1958) 
Leon Wish, Nucleonics 14, 102 (1956) 
Methods for Chemists Chap. 6. John Wiley, New York (1951) 
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null hypothesis is valid and that there is no real effect due to differences in the procedures used in the 
two investigations. 

In view of these results we suggest the best value for the half-life of @ "Np to be the weighted mean 
value and its 99 per cent confidence interval: 2-359 ~ 0-010 days. 


Argonne National Laboratory D. CoHEen 
Lemont, Illinois J. C. SULLIVAN 


A. J. ZieELEN 


Determination of solubility products by radiometric titration—a new method 


(Received 21 April 1959) 


Tne usual radiochemical procedure for determining solubility products is to agitate a large volume 
of solution with milligramme amounts of the solid, one component of which is radioactive. The 
amount of the solid dissolved is estimated from the measured activity of the supernatant liquid. 
This method suffers from a number of disadvantages, namely the need for (a) the pure preparation 
of labelled solid, with a high specific activity, (b) litre amounts of solvent to dissolve a reasonable 
amount of active material, if the solubility product is small, (c) complete removal of suspended 
solid before the activity is measured, and (d) prolonged agitation to ensure solution saturation 

The method described here eliminates (a) and (b):; and on account of the rapidity with which 
the method may be used, errors from (c) are easily detected, and (d) is in most cases overcome. 


1. The Method 


If a solution of volume v, containing an ion N~ at a concentration [N~], is added to a solution 
of volume v,, containing an ion M* of a radioactive species at a concentration [M*], and an activity 
a,(counts/min) and if the solubility product S = [M*][N~-] where [M*] and [N~] are the concentrations 
of M* and N- in equilibrium with any precipitated solid, MN, after mixing, then it may be shown‘! 
that 


Sv* + — + R))=0 (1) 


where R — a/ao and a is the activity of M remaining in solution after precipitation. In the general case, 
the variation of R with v has a curvature such as shown in Fig. 1, from each point of which § may 


counts/min 


Measured activity, 


olume of lect nitrote, 


FiG. 1.—-Radiometric titration curve for lead iodide. 0-005 M lead nitrate was titrated against 
5 ml 0-01 ''I-labelled potassium iodide. The ordinate right hand is the total measured activity 
above background present after removal of the precipitate from : 5 ml of solution at 18 


"J. F. Duncan and F. G. Tuomas, Symposium on the Peaceful Uses of Atomix Energy, held at 
Sydney, Australia, 1958 
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162 Notes 
be determined by use of equation (1). The method may be used with either constituent labelled, or 
with solids of different stoicheiometry. It may be shown, for the general case of 
nM™*(aq) + mN*-(aq) = M,N,As) 
S 


Inserting the condition that[M™*], k[N"~]o, and arranging that the solutions are mixed in equivalent 
amounts (i.e. v = kvgm/n), we get 


m+n) 


[awn 


This relation may be used to deduce S for the simple condition of equivalent solutions of both cation 
and anion—e.g. for MN, S = 1/4(R[M*),)* and for MN,,S = }R*{M**),*. Relation (2) may be used 
to determine S, at different parts of the radiometric titration curve (different R). But the relations 
derived from equation (3) allow the most direct experimental procedure, since it is necessary merely 
to mix equivalent amounts of the cation and the anion, and to determine the fraction of the labelled 
species remaining in solution. Both methods have been used. 


2. Experimental Details 
To a 5 ml aliquot containing one ion, at a known concentration, is added a known volume of a 
solution containing a known concentration of the second ion. The mixture should be agitated 
during mixing and for a sufficient time afterwards to allow complete equilibration of the saturated 
solution and the precipitated solid. If [M*]) = [N~]o 100S*?, 5-10 min is usually sufficient, but 
with dilute solutions, or high solubilities, care is sometimes necessary to ensure that supersaturated 
solutions are not obtained on mixing. The solid formed need not be more than the 5 mg necessary 


TABLE 1.—SOLUBILITY PRODUCT OF LEAD IODIDE, USING **'I 


Lead ion lodide ion ' 
Total activity Standard 


present (counts/min R Ss 10° deviation 


24 Vv Vv 
Pb olume olume above background) in S « 10° 


(moles/1.) (ml) (moles/l.) (ml) 


Temperature 22 
0-0125 0-0125 0-244 0-91 0-14 
0-O111 0-O111 0-249 0-65 0-10 
0-0100 0-0100 0-396 1-37 0-19 
0-0091 0-0091 0-539 2-06 0-27 
0-0084 0-0084 0-501 1-41 0-17 
Mean value for S = 1-28 10°*, with a standard 
deviation of 0-18 « 10°*, at 22. 
Temperature 
0-005 0-0100 0-618 1-48 0-27 
0-00455 0-0091 0-646 1-22 0-23 
0-0042 0-0084 0-719 1:38 0:25 
0-00385 0-0077 0-715 1-05 0-15 
0-005 0-01 0-425 0-34 0-18 
0-005 J 0-01 0-578 1-08 0-25 
0-005 i 0-01 ; 0-610 0-94 0-29 
0-005 o 0-01 0-928 0-31 0-16 
Mean value for S = 0-97 « 10°°, with a standard 
deviation of 0-22 10°%, at 18. 
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for visibility. After equilibration, the solid is allowed to settle, or it is centr ifuged off. In our experience, 
this is the stage at which the greatest errors can occur, since small particles of solid which are hardly 
visible may take so long to settle that serious errors may be produced when the activity of the 
supernatant liquid is measured. This error is most easily avoided by forming the precipitate under 
conditions in which rapid co-agulation is obtained—i.e. from solutions in the concentration range 
between 0-01 and 2M. At low concentrations precipitation may be slow; at high concentrations 
crystals of very small size are likely to be formed. After removal of the solid, the activity of $ ml. 
of the supernatant liquid is compared with that of 5 ml of the original solution of concentration [N~],. 


3. Results 


Typical results, determined by five different workers are shown in Table | for lead iodide. The 
measured values of S of 0-97 10-* (with a standard deviation of 0-22) at 18° and 1-28 10-* 
(with a standard deviation of 0-18) at 22° are to be compared with the literature value of 1-02 10-* 
at 20°. The value obtained using the endpoint of F ig. | was 0-88 + 0-20 10°" at 18. The agree- 
ment is satisfactory, and shows that the method can be reliably used. Greater accuracy could, of 
course, be obtained by use of radioactive species at higher specific activities, 


Acknowledgements—Several different workers performed the experiments listed in Table 1, which 
were done in the third year laboratory class of this department. Radiochemical work in this depart- 
ment is supported by a contract with the Australian Atomic Energy Commission, to whom thanks 
are due. 
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Tantalum oxychloride 


(Received 24 April 1959) 


EVIDENCE in the literature concerning the formation and composition of tantalum oxychlorides is 
ambiguous and the existence of these compounds has been questioned.''*) Devitte and Troost" 
passed TaCl, vapour over Ta,O,, found that the Ta,O, underwent only a small weight loss, and 
concluded that volatile tantalum oxychlorides do not exist. Rurr and THomas'’ sublimed TaCl, 
from an impure sample at 500°C; analysis of the white, non-volatile residue indicated the composition 
TaO,Cl. Sprrzin and Kasutanov™ reacted HCI! with oxygen-contaminated tantalum metal and 
found a black sublimate, non-volatile and stable up to 1100°C., that analysed as TaO,Cl. These 
authors also reported a “TaOCl,” sublimate as a separate product of the reaction. This material 
behaved in subsequent tests like a mechanical mixture of TaCl, and Ta,O, Interpretation of 
SpiTZIn and KASHTANOV'S results is complicated by the occurrence of reaction between by-product 
H,O and the tantalum chloride hydrochlorination products. 

We present below additional evidence for the existence of a volatile tantalum oxychloride. The 
experimental approach we used was similar to that of DeviLe and Troost 

The experimental procedure was to pass TaCl, over Ta,O, at elevated temperatures and to measure 
the weight loss sustained by the Ta,O,. In the first experiment, 1-49 g of TaCl, (prepared by chlorina- 
tion of Fansteel Ta) was passed, with a stream of dry argon, over 4-00 g Ta,O, at 600°C for a period 
of 14 hr. Two collection zones were maintained downstream, one at 180°C and the other at 25 ad 


'" 'N. V. SipGwick, The Chemical Elements and their Compounds Vol. 1, p. 848. Oxford University Press 
(1950) 

'?) H. ScHAFER, Angew. Chem. 71, 153 (1959). 

 H. S. C. Devitte and L. Troost, C.R. Acad. Sci., Paris 64, 294 (1867) 

‘* O. Rurr and F. Tuomas, Z Anorg. Chem. 148, 1 (1925) 

 V. Sprrzin and L. KasHtanov, Z Anorg. Chem. 182, 207 (1929). 
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At the end of the experiment, the Ta,O, had lost 0-27 g in weight and a visible white deposit was 
present in the 180° collection zone (this temperature was above the dew point of TaCl,). When 
flamed gently in argon, the 180 C zone deposit gave off white fumes (TaCl,?) and left an inert, 
white residue. Analyses showed that the small Nb content of the Ta chemicals used could not 
account for the effects observed. 

In the second experiment using the same apparatus, 9-12 g of TaCl, was passed over I1°5 g 
Ta,O, at 650°C for 2 hr. The Ta,O, lost 0-6 g in weight. The deposit in the 180°C zone, weighing 
between 0-6 and 0-8 g was removed in a dry box and analysed. (Found: Ta, 66°5%,; Cl, 19-0”. 
Calc. for TaO,Cl; Ta, 72:9°%%; Cl, 14-3°%%; for TaOCl,; Ta, 59-6%; Cl, 35-1%.) 

In the third experiment, 3-00 g Fansteel Ta was chlorinated and the product TaCl, distilled into 
a storage bulb sealed to a Vycor reaction tube. This tube contained, in a silica boat, 1-851 g Ta,O, 
which had previously been dried in an argon stream at 1000 ¢ for 4 hr. The system was purged of 
Cl, with dry argon, and approximately § of the TaCl, was then passed in argon over the Ta,O, at 
1000 C during a 2} hr period. The Ta,O, weight loss was 0-488 g. The remaining } of the TaCl, 
was then passed over the boat at 1000°C for 4 hr. An additional 0-298 g weight loss was observed. 
Analysis of the residual Ta,O, for chloride showed it to contain 0-18 °, Cl. 

The large amounts of Ta,O, consumed by reaction with TaCl, and the qualitative observations 
on the reaction product demonstrate that TaCl, will react with Ta,O, at elevated temperatures to 
produce an unstable, volatile tantalum oxychloride. It is plausible that this oxychloride is TaOCl,, 
an analogue of the more stable NbOCI,. The low Cl/Ta ratio observed in the product of the second 
experiment can be accounted for if upon cooling, TaOC!, disproportionates to TaCl, and Ta,O, 
Or, possibly, TaO,¢ 

W. A. JENKINS 
Pigments Department C. M. Coox, he. 
EJ. du Pont de Nemours & Co., Inc 


Wilmington, Delaware 
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Inert solvent effects in the extraction of gold (III) chloride into dilute solutions 
of tri-n-butyl phosphate in xylene 


(Received 8 May 1959) 


IN studying the extraction of inorganic molecules into basic organic solvents, it ts frequently desirable 
to know the number of solvent molecules attached to each molecule of the extracted species in the 
organic phase. One way in which this can be determined is by measuring the extraction of the 
compound in question at tracer level concentrations into a series of dilute solutions of the solvent 
in some inert material, maintaining virtually constant aqueous phase conditions throughout. The 
theory of this method as it applies to tri-n-butyl phosphate (TBP) has been discussed by Hesrorp 
and McKay" who have shown that for the conditions set out above 


D « {TBPY (1) 


4 log D/O log [TBP] = n (la) 


where D is the measured distribution coefficient, [TBP] the concentration of TBP in the organic 
phase and # the average number of solvent molecules co-ordinating the extracted molecule. Equation 
(1) is stated to be a limiting law, valid only below ~5°, TBP in inert solvents; deviations at higher 
concentrations are ascribed to non-ideal behaviour in the organic phase. 

For the type of compound to which this treatment has been applied, such as the rare earth 
nitrates for example (see Ref. | for further references), this upper limit is the only restriction which 


|) E. Hesrorp and H. A. C. McKay, Trans. Faraday Soc. 54, 573 (1958) 
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need be applied. For species which are more strongly extracted however, it has now been found 
that a further complication arises from their slight but by no means negligible extraction into the 
inert solvent itself. The particular system examined was the distribution of gold (III) chloride 
between ~2 N aqueous HCl and TBP in A.R. xylene. The extracted species is a hydrated derivative 
of HAuCl,."**’ Distribution coefficients were measured by counting the activity of aliquots of each 
phase, using '*’Au as tracer; the experimental details are described elsewhere. 

Now D = 1J,/I,,, where J, and J,, are the specific activities of the organic and aqueous phases 
respectively. Provided that changes in the volume of each phase during equilibration can be 
neglected, 


D = — 14) (2) 


where /,,” is the initial specific activity of the aqueous phase, so that for low values of D for which 
Iq » Iy, one has D » const. J,. It follows then that for such conditions a log-log plot of /, against 
[TBP] should give a straight line of slope m; in fact, the experimental results, recorded in Fig. 1 


< 
> 
a 


oncentration of TBP 


Fic. 1.—-Organic phase specific activity in the distribution of gold (III) chloride between 
~2 N aqueous HC! and solutions of TBP in xylene 


(curve A) show an assymptotic approach to a value of J, ~ 5000 counts/min per ml for [TBP] -- 0. 
This corresponds to D = 5 = 10-*. If the extraction is enhanced by that due to the inert solvent, 
the specific activity found experimentally (/,,,,) is given by 


I, 


so that the experimental results must be corrected for /,, which represents the specific activity of the 
organic phase in the distribution of HAuCl, between 2 NHCI and pure xylene. The activity of the 
organic phase in such a distribution experiment was 4830 + 50 counts/min per m! (mean of 4 results) 
in agreement with the figure found above by extrapolation. When the corrected values of /, are 
plotted against [TBP], a good straight line is obtained, leading to m = 3 (curve B, Fig. 1); the 
significance of this value of n will be discussed elsewhere.’ 


 H. M. InvinG, Quart. Rev. 5, 200 (1951) 
® R. M. Diamonp and D. G. Tuck, To be published. 
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There is, of course, no reason for believ ing that this inert solvent effect is restricted to the particular 
system studied. In general, it will always become significant when D for the pure inert solvent is 
no longer negligibly small compared with the values of D being measured; it will be noted from F ig.1 
that as /, becomes smal! compared with /,, the slope of curve A tends towards that of the (corrected) 
straight line B, in agreement with this. The reason that this effect has not been observed earlier is 
presumably that, as noted above, D for the pure solvent is negligible in those systems to which this 
technique has been previously applied. 


D. G. Tuck 


Department of Chemistry 


University of Manchester 


Preparation of tetrafluorohydrazine and difluorodiazine 


(Received 25 May 1959) 


THe synthesis of tetrafluorohydrazine from nitrogen trifluoride in a heterogeneous reaction with a 
metal has recently been reported A new method for preparing both this compound and the isomers 


of difluorodiazine is the homogeneous reaction of nitrogen trifluoride with mercury in an electric 


disc har ge 


VACUUM 


SYSTEM 


PHTHALATE 
MANOMETER 


Fic. 1 Vacuum system for the preparation of tetrafluorohydrazine and difluorodiazine 


A Pyrex vacuum system as shown in Fig. | is used for small-scale preparations. Products of the 


reaction are tetrafluorohydrazine, difluorodiazine, mercury fluorides and nitrogen. Mercury fluorides 


formed in the discharge tube coat the reactor walls and prevent corrosion. The yield of a given 


product can be varied by changing the nitrogen trifluoride pressure, discharge current density, and 
the temperature of the discharge tube. | xperimental data for four typical runs at a discharge tube 
temperature of 200-210 C are listed in Table 1 


C. B. Cotsurn and A. Kennepy, J. Amer. Chem. Soc. 80, 5004 (1958) 


*) Patent d closure pending 
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TABLE 1.—YIELD DATA FOR THE SYNTHESIS OF N.F, AND N,F, rrom NF, 
IN AN ELECTRIC DISCHARGE TUBE 


NI (mm Hg) ? 3 4 
Approx. NF, flow rate (cm*/mm) 16 55 95 135 
N,F, (cm® STP) synthesized /hr 40 87 144 150 
N,F, (cm® STP)* synthesized /hr 23 24 
NF, Consumed for a single pass through the 16-2 9-3 6-6 5-7 


discharge tube 


Yield N,F, 51 61 67 63 
Yield N,F, 14 16 12 12 
Discharge voltage 2900 3650 4400 5100 


* Mainly the N,F, isomer that is inactive towards mercury. At higher current densities than those 
shown both isomers can be synthesized 


The nitrogen trifluoride is separated from the tetrafluorohydrazine and difluorodiazine by fractional 
distillation from a 186 C trap (€ ) (liquid argon) to a — 196 ¢ trap (D). With parallel fractionating 
systems [additional set of traps (C) and (D)] the discharge tube can be operated almost continuously 
with a minimum of nitrogen trifluoride 

The reaction products obtained from trap (C) are essentially free of contamination. Mass 
spectrometer analyses show them to contain <0-1°. of nitrogen oxides or silicon tetrafluoride 

Tetrafluorohydrazine and the two forms of difluorodiazine can be separated by gas adsorption 
chromatography using a 5 ft silica gel column at —40°¢ 


J. W. Frazer 
Lawrence Radiation Laborator, 


University of California 


Livermore, California 


Bromoaluminium phthalocyanine tripyridinate 
( Received 27 February 1959; in revised form 28 May 1959) 


Tt aluminium phthalocyanines are a series of compounds which have an organic ring system and 
an morganic core and which therefore have both an organic and an inorganic chemistry. A number 
of patents and a few papers have been published on the aluminium phthalocyanines but they have 
been concerned largely with the chemistry of the ring system (the organic chemistry) and very little 
attention has been paid to the chemistry of the core (the inorganic chemistry). Because aluminium 
is trivalent and phthalocyanine itself is bivalent (Le. has two replaceable hydrogens) the central 
aluminium atom in the aluminium phthalocyanines is always bonded to an additional group. A 
chlorine atom can function as this third group" but little has been reported about the specific 
effects of it on the aluminium phthalocyanine residue. The use of a bromine atom for this purpose 
has not been reported and in view of the lack of information on the inorganic chemistry of the 


P. A. Barretr, C. E. Dent and R. P. Linsteap, J. Chem. Soc. 1721 (1936 
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haloaluminium phthalocyanines in general, a brief study of the preparation and properties of 
bromoaluminium phthalocyanine has seemed desirable. 

Several methods for preparing bromoaluminium phthalocyanine were tried and of these one 
Proved to be quite satisfactory. In this procedure haloaluminium phthalocyanines (made by a 
synthetic sequence based on the urea-phthalic anhydride process‘) were hydrolysed with aqueous 
base, washed with water and acetone. air dried, allowed to stand with 48°. HBr overnight, filtered 
off, washed with 48°, HBr and acetone. and then air dried. The resultant bright green powder was 
dissolved in either hot pyridine or a mixture of hot pyridine and 48°, HBr, filtered and allowed to 
stand for a day or more. Brilliant well formed purple crystals separated out. These were then re- 
crystallized from a solution containing 0-85 ml of 48°, HBr and 9 ml of pyridine for each gram of 
phthalocyanine. The crystals obtained were washed with Pyridine and benzene, air dried and then 
crushed and vacuum dried 

Analysis for bromine in the various materials produced in the synthetic sequence was carried 
out by heating weighed samples with excess 0-1 N NaOH for | hr, filtering out the solid residue and 
utrating the solution with 0-1 N AgNO, (with eosin as an indicator). Aluminium was determined 
by igniting weighed samples (which had been wetted with sulphuric acid) in platinum crucibles. 
The pyridine content of various samples was obtained by extracting the samples with hot glacial 
acetic acid and titrating the solutions potentially with HCIO, in acetic acid. Since HBr was produced 
in the extraction process the percentage of pyridine found had to be increased by a corresponding 
amount. 


TABLE 1.—ANALYTICAL DATA 


Br 


Calc. for 9-32 3-15 27-7 
Air dried crystals (35 min) 9-0, 9-0 26-2 
Vacuum dried crystals (20-30 min) 8-9, 9-1 3-0, 3-2 26°3, 26°5 
Vacuum dried crystals (48 hr over P,O,) 9-3, 93 31, 3-2 25:1 


The analytical data (Table 1) indicate that when the crystals obtained after the second crystalliza- 
tion are briefly dried in air or vacuum their composition is close to that calculated for BrAIC,,- 
HieN«3C;H,N, but that extended storage in vacuum produces a marked loss of pyridine and an 
increase in bromine content. 


Some additional bromine determinations showed that while short exposures to air produced no 
significant change in the bromine analysis of the cyrstals, prolonged exposure to warm moist air 
(seven days during the summer) increased the bromine content (12-4, 12:5°, Br). This increase was 
probably due to pyridine loss since the crystals smelled strongly of pyridine. A bromine analysis on 
a solution obtained by allowing some crystals to stand with water for 1 hr showed that more than 
half of the bromine had been released. 

The infra-red spectra of the crystals in a Nujol oil mull and of the Nujol oil (for reference) were 
taken with a Perkin Elmer Infracord (I ig. 1). In addition the visible spectrum of the compound 
dissolved in Pyridine was obtained. Maxima were found at 682, 650, 612, 465 and 434 my, 

When the crystals were put in a sublimator and heated to 360° at 0-001 mm of Hg a sublimate 
formed, however microscopic examination of the sublimate showed areas with two different colours 
and further attempts at sublimation were abandoned. 


Discussion 


It is interesting that crystals of bromoaluminium phthalocyanine obtained in the above manner 
should contain pyridine, however, this is in agreement with previous results which indicate that other 


R. BRouiLtarp, U.S. Pat. 2,647,127 (July 28, 1953). 
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metal phthalocyanines sometimes include strong donor type solvent molecules in their crystal 


lattices The fact that these crystals when dissolved in Pyridine give solutions with visible spectra 
which are different than the spectra of chloroaluminium phthalocyanine dissolved in alcohol or 


x-chloronaphthalene'* is also to be expected. Both the change of the group attached to the aluminium 


\00r—— 


LY 

Aly al 
ry 


The infra-red spectrum of bromoaluminium pthalocyanine tripyridinate in a Nujol 
mull. The spectrum of the oil is also given 


and the change of the solvent (which may be bonded to the open position on the aluminium) should 
affect the spectra 
Finally it should be pointed out that bromoaluminium phthalocyanine has value as a starting 


point for the synthesis of various aluminium substituted aluminium phthalocyanines because it is 
easily produced and purified (in marked contrast to other known simple aluminium phthalocyanines) 


Case Institute of Technology M. E. Kenney 
Cleveland, Ohio 


P. A. Barrett, D. A. Frye and R. P LinstTeap, J. Chem. Soc. 1159 (1938) 
* J. S. ANDERSON, E. F. Brapsoox, A. H. Coox and R. P. Linsteap, J. Chem. Soc. 1152 (1938) 


Some observations on zirconium oxalates 
(Received 19 June 1959) 


IN 1931 reported the preparation of anhydrous diéxalatozirconium. Zr(€ by reaction 
of ZrCl, with its equivalence of 2 moles of anhydrous oxalic acid in methanol. GaBte’s preparation 
was repeated with special care exercised to avoid the presence of moisture. A white, gelatinous, 
difficultly filterable precipitate was obtained on addition of the methanol solution of anhydrous 
oxalic acid to the ZrCl,-methanol solution. The solid was dried in a drying pistol over methanol 
(Found: Zr, 27-41°%; C,O,, 52-65%: C. 20 3%; H, 262% Required for Zr(C,O,),-2CH,OH: 
Zr, 27:76%,; CyO4, C, 21-68%: H, 2-43 The anhydrous oxalate Zr(C,O,), requires 
34°38°. Zr and 65-62°, C,O,. When the same reaction was Carried out using oxalic acid dihydrate 
and no special precautions were taken to exclude moisture. the tetrahydrate, Zr(C,O,).-4H,O, was 


H. S. Gate, J. Amer. Chem. Sox §3, 1276 (1931) 


\ combined atomic weight (Zr + Hf) equal to 92-25 was used in the calculations to account for the 
hafnium content of the compounds 
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obtained. (Found: Zr, 27-46°,; C,O,, Required for Zr(C,O,),4H,0: Zr, 27:10°,; 
C,0,, 50°50°%.) The tetrahydrate was also prepared in aqueous solution by dissolving carbonated 
hydrous zirconia in an excess of oxalic acid solution. The solid was recovered by addition of sufficient 
methanol to the solution. Addition of water dropwise to an alcoholic slurry of dioxalato dimethanol 
zirconium (IV) converted it to the tetrahydrate. This was shown by analysis and by the change in 
X-ray diffraction patterns which occurred (Table 1). Hence Gaste’s result is in error 


TABLE 1.—X-RAY POWDER DIAGRAMS OF ZIRCONIUM OXALATES 


w 
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Titanium Alloy Manufacturing Division A. CLEARFIELD 
National Lead Company 
Niagara Falls, New York 


Thermogravimetric study of hydration isomers 
(Received 17 June 1959) 


IN hydration isomers the bond strength between the central ion and the water molecules depends on 
the position of water, whether in or out of the co-ordination sphere. It may be expected that the 
mechanism of the loss of the water from the hydration isomers will be different. 
In order to study this problem the thermogravimetric properties of the following hydration 
isomers: 
[Cr(H,O), JCP, and 


| 
8-04 100 7-75 100 
5-82 85 6-72 85 
5-55 20 §-47 60 
4 4-76 30 4-62 70 
i 4-02 20 4-22 25 
. 3-36 20 3-85 10 
q 2-92 15 25 
2-75 10 15 
: 2-60 10 9 15 
‘4 2-19 20-25 6 5 
2-05 5 5 10 
2-01 5 3 
1-94 5 8 15 
; 1-83 15 6 20 
4 10 
10 
15 
15 
3 10 
‘9 15 
3 10-15 
“ 5 
7 10 
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were investigated. The experiments were carried out with a torsion balance,’ that made possible 
measurements both in vacuo and under atmospheric pressure. The different isomers were prepared'** 
from Merck C.P. CrCl,-6H,O. 

Preliminary experiments were carried out to determine the most suitable heating programme. 
At too slow a programme the curve stretched too far (S-7’/min), but at a heating rate of 10°/min 
well interpretable thermograms were obtained. 

The pyrolysis curves are shown graphically in Figs. 1 and 2. It is clear that the application of 


[cro Cts 
* Weight of the sample: 23-00 mg 
Weight of the sample 23 00mg 
7 Img 


HCL 
*3.2m9 
+2159 


500 °C 
Cr(H,0), Ci] Ct, .H,0 


Weight of the sample: 24 70mg 3 of the somple 24 50mg 


825mg 


70m¢ Weight of the somple. 25-60mg 


200 300 400 
Fic. 2.—Thermograms of isomers in vacuum 


Fic. 1.—Thermograms of isomers at atmo- 
, (the calculated weights are underlined). 


spheric pressure (the calculated weights are 
underlined). 


vacuum makes the curves blurred and—as may be expected—the horizontal portions appear at a 
lower temperature. On the figures are indicated the losses of weight found experimentally and 
calculated on taking into consideration the possible products: water and hydrochloric acid. It was 
shown by placing indicator paper in the gas space, that the loss of HC! begins at the temperature 
indicated. 

Z. G. Szaso and D. KirAcy, Acta Chim. Hung. 17, 393 (1958). 


'2) G. O. Hiactey, J. Amer. Chem. Soc. 26, 613 (1904) 
N. Byerrum, 7. Phys. Chem. 59, 581 (1907) 
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It is evident from the thermograms that the most stable compound is the symmetrical Cr( H,O),Cl,, 
which begins to decompose at 100°C. The presence of chloride ion(s) in the co-ordination sphere 
results in the decrease of thermal stability. The end product of the thermal decomposition of all 
the three isomers is CrOC]. On the basis of our experiments the mechanism of the thermal decom- 
position of the isomers investigated can be given in the following form: 


Pyrolysis of 
100°-250 
Cr(H,O),Cl, — > Cr(H,O)CI, + SH,O 
250°-330 
Cr(H,O)Cl, —————> Cr(OH)Cl, HCl 
340 —400 
Cr(OH)CI, ————> CrOcl + HCl 
Pyrolysis of 


Cr(H,O),CICI,.H,O ————» HC] 


140°-350 
————-> Cr(OH)Cl, + 5H,O 


—~440° 
Cr(OH)Cl, ————> CrOC! + HCI 


Pyrolysis of 


60°-110 
Cr(H,O),C1,Cl-2H,O ————> + H,O 


Cr(H,O),Cl,Cl-H,O ————» Cr(H,O),C1I,(OH) + HCI 
190°-320 11 

Cr(H,O),Cl,(OH) ————> + 4H,0 1959 


320°—-410 
Cr(OH)Cl, ————> CrOCl + HCl 
Institute of Inorganic and Analytical Chemistry D. KIRALY 
University of Szeged K. ZALATNAI 
Szeged, Hungary M. T. Beck 
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FAST RADIOCHEMICAL ISOLATION OF FISSION 
PRODUCT ARSENIC AND THE INDEPENDENT 
YIELD OF ARSENIC-78 IN THERMAL NEUTRON 
FISSION OF URANIUM-235** 


A. KJELBERG= and A. C. Pappas 
Department of Chemistry, University of Oslo, Blindern, Norway 


(Received 2 February 1959) 


Abstract—The previously reported independent yield of the 91-0 min **As in thermal neutron induced 


fission of *°U is much higher than predicted from the now accepted charge distribution curve. The 


vield has therefore been redetermined using a radiochemical method for rapid isolation of arsenic from 


fission mixture where special precautions are taken in order to ensure a good and fast separation from 


its precursor germanium. The value thus obtained (1-7 0-5) 10-* per cent is about one order 


of magnitude lower than the old value and fits the charge distribution curve 


I. THE CHARGE DISTRIBUTION IN FISSION 


THE experimental study of charge distribution in nuclear fission is based on radio- 
chemical determinations of independent yields of fission nuclides from one or more 


fission product decay chains. A study of all nuclides in individual chains is impossible 
due to too short half-lives of the early members. One is therefore forced to determine 
independent yields of suitable nuclides in chains of different mass numbers. The most 
probable mode of division of nuclear charge is then evaluated by correlating the 


measured data with semiempirical or theoretical relationships. 

On this basis it has been shown"? that in thermal neutron fission, the division 
results in equal displacement from stability of the most probable primary charge for 
both the light and the heavy fragment. In other words the effective chain lengths are 
the same for complementary fragments: 


— = (24 — Zod (1) 


ivy 


where Z , and Z,, are the charges (not necessary integral) corresponding respectively 
to maximum stability and the most probable primary one, both for the mass number A. 
This relationship was first advanced by GLENDENIN ef a/.) and later modified by 


Pappas'?*) to account for the effects of closed shells in the nuclear stability curve and 


the fact that the fission neutrons are emitted from the fragments after fission. 


* Work supported by the Royal Norwegian Council for Scientific and | rial Research 


A short preliminary note of this work appeared in Tidsskrift for Ki« Bergvesen og Metallurgi, 17 
129 (1957) 
Present adress: Department of Chemistry, McGill University, Montre Quebec, Canada 
') L. E. GLenpentn, The Distributaion of Nuclear Charge in Fission. Technical Report 35. Laboratory for 
Nuclear Science, Massachusetts Institute of Technology, Cambridge (1949) 
A. C. Pappas, Proceedings of the International Conference on the Peaceful f Atomic Enereyv. Geneva, 
1955, Vol. 7, p. 19. United Nations, New York (1956) 
L. E. GLenpentn, C. D. Corvette and R. R. Enwarps, Radiochemical § The Fission Products 
(Edited by C. D. Coryvett and N. SUGARMAN), Plutonium Project Record, NNES, Div. IV, Vol. 9, 
Paper 52. McGraw-Hill, New York (1951) 
A. C. Pappas, A Radiochemical Study of Fission Yields and the Effect of Closed Shells in Fission. American 


Report AECU-2806, also Inaugural Dissertation, University of Oslo (1953) 
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Ihe charge distribution curve giving the fractional chain yield (relative pro- 


bability) of a primary fragment (Z, A) as function of distance (Z Z,,) from the most 


probable primary charge (Z,) is assumed identical for all mass chains and approxi- 


mately Gaussian. Only when the charge division takes place as given by the 


modified theory of equal charge displacement? are these assumptions substantiated 


by experimental evidence in thermal and low enere, fission. 


\ few nuclides, however, have measured vields which differ from the ones expected 


from the charge distribution curve by more than the uncertainities in the measurements 


th ronment 


and in the assignments of Z, would indicate. All t] ese data but one or perhaps two 


can be explained on the basis of enchanced independent yield due to: preference for 


closed shell nuclides in the primary fission act." prompt neutron emission from the 


83 neutron species,’ and spread in multiplicity of e evaporated neutrons. 
An explanatio1 . however, still remains to be eiven to the high independent vield 
found by SUGARMAN’? for the 91-0 min 78As during a study of the genetics of the 


"Ge —**As fission chain. The measured vield is about tenfold higher than the modified 


theory of equal charge displacement would predict 


stitutes a challenge to the theory and it was therefore found 


PREVIOUS STUDY OF "As 


experimental approach used by SUGARMAN'” was based on irradiation of 


uranyl salts with thermal neutrons for 10 min in the Los Alamos Homogeneous 


Reactor, followed by an isolation of germanium and arsenic from the fission mixture 


bout 401 ter. This was performed by distilling off the cermanium as tetra- 


chloride and tl ereupon the arsenic as trichloride. During the sub equent study of the 


half-lives of “Ge and 7*As he found ana 


»parent independent yield of **As. This yield 


tv of the 91-0 min *SAs in the arsenic sample 


was determined b Omparing the activi 


decay of ‘*Ge in the germanium sample. The it dependent yield 


10 


O-6) 


| main points Of uncertainty in this determination are the exact timing and the 
possibility for an incomplete removal of rermanium from the fission pr duct mixture 
e distill Thi el s to hav been carefully considered by 
SUGARMAN oO est d the limits of uncertainty due to timing and also seems to 
e take ec Ss to ensure the absence of germanium the residue after the 
distillatic itis, however, difficult to assess the absolute accuracy in the determination 


since the method used is essentially to determine the difference between the first 78As 


milking and a later one from the fission product solution, the more as the first milkine 


eciable decay of the precursor (about 30 per cent) 


lil. EXPERIMENTAL WORK 
‘As 


Gee “Ge and its precur 5 Thus in aetermination of the independent y eld of As, special 


s formed independently whereas the majority arises from 


ecautions must be taken in order to minim ze the correction due to parent decay A refined method 


Problen Nuclear Fissic H at t Institute of 
1958. (Notes by E. P. Sremner 
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Bee! necessary to test it by a redetermination. ; 
wil (hat tormed D 
= was found to be about ! 
per cent. 
4 
I 
4 
4 \ PAPPAS. Discussion of some Cu 
il P cs, Cop Febr 
W Chem. 6, 263 (1958) 
a N. SUGARMAN, Phys. Rev. 89, 570 (1953) 
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would therefore approach the problem by using the shortest possible liation and decay times 
Further, in order to get the timing exact. a very fast and clean arse rmanium sepa 


required 


A. Irradiation techniques 
ite p.a. enclosed in 


n one the JEEP Heavy 


The target material consisted of | 
a plastic ic This 
Water Reactor at JENER 


The transportat target from the reacto 


by using a “rabbit’ 


B. Fast radiochemical isolation of arseni 


Separations of trace amounts 
both fast and Speci lation 


n were ti 


BRINK 


neutron fi proximately | neutrons cm~* sec™! 
4 evice 
7 
a of elements by means of solvent extra ns offer the possibilities for 
problermmmmmaherefore investigated and a radiochemical method developed by which it is possible to 
isolate arsenic 1-5-2 min after the end of the irradiation i c ek na | ‘ 
chemica p rity ith respect to ts p ecursor germanium Decontat the miucts 
fol Owiny arsenic is then perio med 
It is well known that arsenic and germanium are extractable wi " ents from hvdro- 
: halogenic acids. FIsHer ef a shown that germ n can | fron “ by 
OX ng the latter to the pentavalent state and ext ne g iniun i etract e from 
hydrochloric aci For the p dy, howeve t we 1 De pref te arset from 
4 germanium by adapting a me d developed by Prestwoop He ex scenic with ¢ oform 
. 
ij from hydriodic acid. The degree of eparation and optimum conditior ¢ ire not given in his 
paper 
The extracts bility $a tunction of the ic achd Cconcentrat n ecfore ed and so 
11 26°8 hi As and 12 Ge* ere iS tracers and the cuion measured in a 
1959 “we tna ited sodium 1odide crvst 
The results seca that use of De ene preieradie DoOTN to ¢ | 
le. Benzene not only increases the extract sut the separat d 
§ cation in the rang tic from 10°? to 10 e. The la g this 
al." for the range from 10-' to 
Phe extraction properties with benzene from different acids at roon ¢ s ee 
in Fig. |. In this are s ed the result by B K ef f f arse t 
hydriodic acid The agreement betweer ese [WO INGE Pendent Studies 1s he 
furthe ore th b tw not be possible 
al ncnemic tac el stment of the acid cor 
fast work The extraction from 3-0 N dic to benzene 
After only 10 sec shaking of equal es more than 98 pe , ey 
in the organic phase wl ess than 5 per cent of the g , ent 
back-extraction with wat irsenic be transferre sp se c 
back-extraction of germ LIS VE ¥, mucl than 0-2 per ce ’ $ 
fe d in the aqueous p fter 30 sec. By ren ng the extrac i 
2 min a ratio between seni nd ge i n at least 10 The ep Lot As ! 
to be from | to 10 pe cent of the cl eld T} proced «hy As nle 
with a decontamination factor sufficient with respect to gern inium for t esent work 
* Germanium tracer produced by ) radiation of germanium d 
some As a Dy dec B rking tast, however mount is Acpt 
could De inte 
W. Fiscner, W. Harre, W. Freese and K. G. Hacxsrets. 7. Ay ( 66, 165 (1954 
R. J. Prestwoon, see J. | Report LA-1721 (rev), 8 4) 
™ G. O. Brink, P. Karacas, R. A. SHare. L. Wesss and J. W. lave J. Amer. Che 79. 
1303 (1957) 
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The exchange between fission product arsenic and added carrier, however. might be slow.) In 


order to ensure complete exchange the arsenic carrier is added in the pentavalent state and then 


reduced in the presence of fission product arsenic to the trivalent state by hydriodic acid 


Tin and antimony were found to be extractable under these conditions. This would be no limi- 


tation except for the fact that their decay product tellurium will be partly carried in the subsequent 


precipitation of arsenic as s ilphide and as metal. Therefore purification steps must be included in 


order to achieve further decontamination. The details of the procedure finally developed iS given in 


the Appendix 


= 
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Fy | Extraction of As (Il) and Ge (IV) with benzene from HBr and HI, equal 
phase volumes 
1: As/HI, 2: As/HBr, 3: Ge/HI, 4: Ge/HBr. 
Open circle Data from BRINK ef a ”) for As/HI 


Fission monitor 


12-80 day ™°’Ba was used as internal monitor with a fission yield 6°44 per cent'’*’ obtained by 
averaging the results of the most reliable and careful measurements available Barium was isolated 
from the fission mixture (the combined aqueous phase and wash solution after the extraction of 
arsenic) according to the radiochemical procedure given by GLENDENIN but slightly modified to fit 


the present conditions The large content of hydriodic acid was first removed by evaporation to 


dryness 


D. Countine techniques 


rhe arsenic metal sample was collected on filter paper with defined sample area. This was mounted 


n a Standard way, counted w a Tracerlab TGC-2 Geiger—-Mueller Tube under s andard conditions 
ditior *) and the decay rates converted to abso! ite disit tegration rates as p eviously described by 
PAPPAS Ihe arsenic and barium Samples were counted in the same position, thus no geometry 


o be considered 


I\ RESULTS AND DISCUSSION 


Fig. 2 shows the analysis of a typical /-decay curve of the arsenic samples. These 


curves are easily analysed into two constituents with half-lives 38-5 0-5 hr and 9] ~-2 


min over more than four half-lives, corresponding to the 38-8 hr 77As and the 91-0 min 


*8As. As in SUGARMAN’s work no evidence was found for the ~40 min arsenic 
reported by BRIGHTSEN et a/.,'"4 thus also confirming the findings of CUNINGHAME. “4 


LENDENIN id  tudic The Fission Products (Edited by C. D. Coryett and 
N ARMAN), Plutonium Project Record NNES, Div IV. Vo yy Paper 288 icGraw-H New York 


FisHer and C. D. Corvette. Phys. Re 81, 218 (1951) 
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Fast radiochemical isolation of fission product arsenic 


For the calculation of the independent fission yield of **As(, 2 ) one has the follow- 


ing equation (2), where indices 1, 2, and 3 respectively refer to “*Ge,**As and Ba; 


(2) 


In this equation the second term corrects for the amount of 78As formed by decay 


1 2 4 da 


Decay ol 


of the parent **Ge during irradiation and the amount formed previous to the arsenic- 
germanium separation. Furthermore: 
D,' is the disintegration rate of **As at separation t { from the parent nuclide 
D,” is the disintegration rate at saturation for the internal monitor. ic. “Ba. 

Tis the irradiation time. 

1 is the decay time from the end of the irradiation to the separation of arsenic 
from germanium. 

y 1s the cumulative fission yield, 6-44 per cent for “Ba and lO-* per cent 
for *5Ge ‘ The yield of the latter has also been measured by STEINBERG and 
ENGELKEMEIR™®’ who found a value about 10 per cent high 
SUGARMAN. This is, however, based on a value of 


*5Ge. 


and D. W. Radiochemical Stud Fiss 
C. D. Corvette and N. SUGARMAN), Plutonium Project Record, NNES. Div. IV 
McGraw-Hill, New York (1951) 
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Zis the decay constant. The half-life of 78As is 91-0 min and that for *5Ge 


86 min. 


Due to the short irradiation and decay times in these experiments relative to the 


half-lives concerned. equation (2) can be approximated by: 


D, 
Vo VyAyl (3) 


can easily be shown that the 


use of equation (3) instead of (2) under the con- 


ditions of the present experiments introduces an error of less than two per cent in the 


he results of three independent runs are given in Table 1. 


TABLE | INDEPENDENT FISSION YIELD OF **As 


1080 


he errors assigned ; 


iS OF dec 


As determined in the present work is about a 


factor ten below the value reported by SUGARMAN. As an explantion for this large 


lifferencs not alg forward it is of special inte discuss the uncertainties 


eld will he too high 


Z voliipiete excnhanee Detween added carrier and fission product arsenic would 


result t low yield. Ow tot way in which exchange is promoted. i.e. carrier 


nt just before the extraction. this 


er check in the validity of the present determination is given by an estimate 
of the fission yield of the 54 sec 77"Ge obtained from the 77As content in the samples 
(779 Ge is a half-life of 11-3 hi and &6 percent of “7 Ge decays directly to **As). We 
find (5 |) 1O-’ per cent which is in agreement with 4-4 10°" per cent obtained 


as a diflerence between the fission yields of 77As and 77”Ge given by SUGARMAN‘? 
From the work of STEINBERG and ENGELKEMEIR"®) a value of 5-4 « 10 ’ per cent can 


be deduc ed. 


\t present no explanation can thus be given for the discrepancy between the 


previous determination of the independent yield of **As and the present one. 


The cumulative yield of the fission product decay chain with mass number 78 is 
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4 
4 
nit 
| Run 
| 2 
Disinte tion rate of **As, D 1/min) 1320 1030 
D ‘ ite of ts on D (d/min) 1-33 10° 1-3 10 6°23 10 
I n time ia n) 200 2-95 
a Decay t f n) 1-47 1-50 2-08 
Independent yield of **As 10-* per cent 0-4 2:1 1-0 1-7 0-5 
4 [PE re estimated on the basis of uncertainties in chemical yield, 7 
In analy y curves, in timing, etc 
: According to this determinat the independent yield of 7*As in thermal neutron 
fission of °U js (1-7 ()-5) 10-* per cent 
Thus the independent yield of 
| that may De introduced Dy the chemical procedure used: 
q |. if a significant amount of germanium is co-extracted the vi 
4 added in the pentavalent state and reduced to trivale 
p mt poht he of minor influence 
4 
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0-018 per cent in thermal fission of “°U. This gives a fi val chain yield for **As 
of (9 3) 10-*. According to Pappas'?) Z, 30-9 ; the most probable 
primary charge for this chain. The chain position (Z ; As 1s therefore 
2:1 0-1. Using the charge distribution curve given by Pappas" s corresponds to 


10 


a fractional vield of | 10 1O-* Taking STEINBER and GLENDENIN’S 


approach"? in evaluating Z,, one finds that the measured fractional chain vield is 
slightly on the low side. Using the approach chosen by Wal 
isured fractional vield of *5As vives a Slightly higher value « 
extrapolation of his values for “Br, **Rb and Kr would ei 
the measured value is slightly on the high side 
In the region of interest, i.e. around mass 78, shell 
present and all these three approaches differ therefore ot 


evaluation of the most proba primary charge for chair 


based on the modified theory of e jual charge displacemer 


[he value measured in the present wo 
good agreement with this theory. ; he deviation 
distribution curve given by this theory is removed. (¢ 
independent yield of **As one should presumably be 
must be tn error. 
APPENDIX 


product 


in 


previs 


| diated VO.ANO.).6H 


2-0 ml (20 mg) barium 


solutions are ac to 
O(20¢ 
Currier 
solution is transferred t 
mercial 67 per cent 
separation is not 
The 
barium d 
The 
10 ml benz 
The 


App oximat 


The final irsenic soluti iS dilutec 
adding 100 mg KI and 1 g NaH.PO 
washed with hot H.O, a slurry mad 


alcohol and ether, and dried at 110°C 


The 


proton su 


E. GLENDENIN weedines of t / 


of Atomic Energy, Geneva 1955, Vol. 7, p. 3. United Nations. 


78 in fission. They are all 
penade ‘ Asist is in 
due tf “AS Irom the charge 
yncerning the old value for the 
: permitted to conclude that this ; 
ol. Fast chemistry) for isolation of fission arsenic 
1 cuions are performed Se] o which the proper 
959 periment 
$ dissolved (without heating) in 6-5 H.O to which is ded 
: | (20 mg) arsenic (V) C ps conc. H¢ The 
funne or nzen 1S IO2N HI 
10 3-ON HI was solut cted for suDdsequent 
*5 ml H,O for 30 sec ea nhase is washed with 
IS repeated [his part of proc AC bout 1-5-2 
c!y | hr later 1-0 mi (10 mg) te 
the wate phase. The s tion is heated nearly to boiling a ce O After f ¢ 
supernatant solution is boiled to drive off excess SO The s tio ~) ( 
added Arsenic sulphide is precipitated with H.S, centrifuged of C d i ‘ th 
HC! 6 N solution saturated with H.S 
The arsenic § phide S auissoived If 0-5 ml conc H¢ HNO 
heated o al Dath to min am A tle ncater to 8st \ mn 
and back-ext tion, p pitation as sulphide and d utior ne 
1 to 20 ml with 6 N H¢ MM enic ‘ ed by 
nd heating on waterbat The es 
1 alcohol and As transferred ¢ pap ishe h 
for min, weighed and mounted { 
influence of the 64 proton subsh« not considers ¢ tio 
| n the mass reg 150-190 needs further expe 
"C.D. Coryveu innual report, Laboratory for Nuclear Science, M e of Techno 
US 4. (1957) 
E. P. and ( n the Peaceful 
New York 56) 
a 


180 A. KJELBERG and A. C. Pappas 


Acknowledgements—The authors wish to express their thanks to Dr. G. RANpers, director of the 
Joint Establishment for Nuclear Energy Research (Kjeller), for his kind permission to use the reactor 


for this investigation, and to Dr. E. S&@LAND and his group for valuable assistance 
rhe authors are indebted to the Royal Norwegian Council for Scientific and Industrial Research 


for financial aid and one of us (A. K.) thanks the Nansen foundation in Norway for additional 


supporting grants. 


Vol. 
11 
195° 


a 
| 


1959, Vol. 11, pp. 181 to 183. Pergamon Press Lid. Printed in Northern Ireland 


J. Inorg. Nucl. Chem 


A BRIDGED CARBONYL PHOSPHINE COMPLEX 
OF NICKEL 


L. S. Mertweruer, E. C. Cottuup and M. L. Fiens 


Basic Research Department, American Cyanamid ¢ ompany, Stamford, Conn 


F. A. CoTTon 


Department of Chemistry, Massachusetts Institute of Technology, Cambridge, Mass 


(Received 29 January 1959) 


Abstract—The preparation and properties of a bridged carbonyl phosphine complex of nickel, 
[((NCCH.,C H.) PNi(€ , are described 


FiscHER"? has recently reported the preparation of a red crystalline compound from 
the reaction of bis-cyclopentadienylnickel and nickel carbonyl which has the mole- 
cular formula (C;H;),Ni,(CO),. On the basis of its infra-red spectrum, diamagnetism 
and dipole moment, he assigns the following structure to the dimeric nickel compound: 


We wish to report here the preparation and properties of a bridged carbonyl 
complex of nickel containing phosphine ligands, [(CNE),PNi(CO)], (where CNE 
CH,CH,CN). 


represents the 2-cyanoethyl group, 


EXPERIMENTAI 


Preparation. A solution of 5-5 ml (0-043 mole) of nickel carbony! in 50 ml of methanol was slowly 


added dropwise to a refluxing solution of 5-8 g (0-03 mole) of tris(2-cy inoethy!)phosphine in 


75 ml of methanol under a nitrogen atmosphere. The colourless crystals of [P(CNE),],Ni(CO), formed 


initially soon began to dissolve and orange crystals appeared. The mixture was refluxed for | hr after 


carbonyl addition was complete and then filtered hot. The pale orange crystals (which consisted of a 

mixture of the bridged carbonyl compound and the dicarbonyl-diphosphine) were repeatedly (at least 

four times) shaken with 5-10 ml portions of hot acetonitrile and filtered hot. After drving under 

vacuum at 25°, 0-4 ¢ (4-7 per cent, based on the phosphine) of fine orange-red crystals, m p. 160 

(decomp.), were obtained. The infra-red spectrum contained a single nitrile band at 2245 cm~ and 

bridging carbonyl bands at 1815 cm~' (very strong) and 1875 cm~ (very weak) (Nujol mineral oil 


mull). (Found: C. 43-33; H,4:36; N, 15-06; P,9-90; Ni, 21-5. Calc. for C,,H,,ON,PNi: C, 42-91: 
H, 4:32; N, 15-01; P, 11-07; Ni, 210°). Attempts to improve the yield of orange-red compound 


have been unsuccessful Phosphorus analyses higher than 9-9 per cent have never been obtained and 
+} 


more commonly they have been 9-9-5 percent. We can only assume 1¢ Substance is extremely 


resistant to decomposition and fails under normal and even somewhat excessive conditions to yield 


E. O. Fiscuer, Angew. Chem. 69, 715 (1957): E. O. Fiscuer and C. Pam. Ber. Dtsch. Chem. Ges. 91. 
1725 (1958) 

M. Raunurt, I. H. Currier, F. and V. P. Wystracn, J. Amer. Chem. Sox 
81, 1103 (1959). 


181 


4 
« 
q 
fe) 
Vol. 
11 Ni 
1959 
& 
= 


S. Mertwetuer, E. C. Coittuup, M. L. Frene and | A. CoTTON 


phosphate quantitatively in the usual microanalytical procedure. It hardly seems possible that the 


ld ntain H, N, an i in the correct amounts, and correct atom ratios. without 


¢ | nd is insoluble in all of the common organic solvents except acetonitrile in which it 

é ble. It 5 ec possible to deter e the molec veight 
D ¢ the roo emperature over sever ecks, the compound slowly turned 
iwht gre ¢ the inira-red spectrum of this green material (bar at 2245, 2000, 1940 and 1815 cm") 
licated part conversion to [P(CNE) (CO)... When the inge-red compound was maintained 
der vacuu | 3 hr, it decomposed to a tan powder with loss of all CO Ihe infra-red 
spec $s sub ce contained no bands in the 1700-2100 cm~'! carbor egion, but now two 


TABLE 1.—Properties or 


10°, corr. for 


NE),PNiCO (CNE.PNiCO) Mor 


eT at several te pe es wel made 
Guoy Db ce he sample mea ed is contaminated th some [P(CNE).].Ni(CO)., as 
CVi DY it ed spec I I e k extinction coefficients of the CO etching 


per cent 


cel contar per thy n d at 


al 


ection P(CNI Ni (CO) 
155 10-*ces Or 0-368 of 7 Furt 


ameters in 


)) For the n unit, NE)PNWCO) i 1-36 
BM and 65°K: for the dimeric unit. 1-96 and IS°K 


the ¢ Weiss ex io (7 


DISCUSSION 
The fact that the only carbe nyl stretching bands in the infra-red are in the region 
k normally characteristic of ketonic bridging CO groups leads us to assume that no 
, terminal CO’s, i.e. Ni—C=O units. are present. It is possible that in the general 
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the phosphor 
1/Zmol, CO" 

0°. 1¢ diamagnetism 

T(K co 

4 (C Dimer 
300 —O1 660 30 1320 60 1520. 60 760 35 
195 20 + 0-1 2:5 0-1 885 30 1710 60 1170 40 4585 20 
z 
46 0] 56 1720 3448 60 580 10 290 10 
efer to correc ant, ((CNE).P),.Ni(CO) 

a bands « St equal intensity were present in the (¢ N region, at 2190 and 2245 cm Since the 
ni pec Dot Ni if NI NiiCO) Cont na sin le Dan the free nitt le at 

2245 « 2190 ¢ etanc po yerhaps De associated with nitrile groups 
COMPICXe MICKEe 

he 
: found to be (—2 

vac an tO produce paramagnetic nickel 
- ICC f e Measurements " ¥ poor The mea ements were | e att helds (~7000 
7 cre : reng | lable | riven the experiment data (averag lor the two field 
yerimer 

expe may excee Our estimates) permit us to fit 
: curve n n. From the st t lines, we calculate the foll ng val f the para 
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formula, [(CNE),PNi(CO)],, x is equal to 2 and that the molecule is a dimer, similar to 


the dimeric molecule reported by FISCHER, viz. 


O 


Z 
Z 


P(CNE), 


O 


but this is not required by any of the data at hand. There are objections to the dimeric 
tructure: If the high symmetry implied by the above sketch were to exist one would 
normally expect only one C=-O stretching band. However, the 1875 cm~' band is 


quite weak and nothing conclusive can be drawn from this line of reasoning. The 


extreme insolubility of the material might suggest that it is more hly polymeric, but 

this, too, is inconclusive. We must therefore allow for the possibility of any degree of 

polymerization, via ketonic carbonyl bridges. The polymers might be either linear or 
cyclic. 


Whatever the degree of polymerization. the compound has at least two striking 
maximum co- 


features, namely, (a) apparent failure of the nickel atom t 


ordination, and (b) the anomalous magnetic moment. eithe: nickel atom or per 


dimer. With respect to the first point, if we are correct in assuming from the infra-red 


spectrum described above that all of the —-CN groups in the phosphine ligands are 
1959 


chemically equivalent, then it appears onl) possible to conclude that none of them 
are co-ordinated to nickel atoms The alternative of ha : all of them co- 
ordinated seems impossible since each nickel atom will have at least fourteen 


‘lectrons (ten initially its own, one from each CO bridge bond and two from the P—>Nij 


bond) and can thus form not more than two additional dati ds. Thus at most 
only two of every three —-CN groups could be co-ordinated to nickel atoms. In view 
of the broad range of structural possibilities. there are various s of accounting for 
the anomalous magnetic moment. If the material is a high polymer. the packing could 
be such as to juxtapose some or all of the nickel atoms so that interatomic spin pairing 
would occur. Some kind of interatomic spin pairing must occur rder to have a net 
moment corresponding to about one unpaired electron per nickel atom. If the 
molecule is a dimer. the possibilities of partial spin-spin coupling occurring either 
inter- or intramolecularly must be considered. It does n¢ Lappea rthwhile to discuss 


any detailed speculations at this point. however. 


( 
( 
lol. 
+4 
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Abstract— Metal chelate formation between diethy lenetriaminepentaacetic acid (DTPA) and Cu(II, 
Nill), Cd), and Ca(ID ions was investigated by potentiometric and 


spectrophotometric procedures. The existence of three 1 :1 metal chelates having the formulas 
M(Il)}-DTPA, MUIDH-DTPA and M(IDH DTPA, as well as a binuclear complex. M.(ID) DTPA, has 
beer Own on the dasis of these data. Equilibrium constants defining the formation of these species 
are report ted and their possible Structures are discussed 


DIETHYLENETRIAMINEPENTAACETIC acid (DTP A. formula I), the second member of a 


series Of polycarboxylic acids derived from the polyethylenepolyamines, has become 


a potentially important chelating agent. Its use asa synthetic agricultural iron carrier 


and as an eluting agent in 1on-exchange fractionation of yttrium from rare earth ores 


HOOCCH, CH,COO CH,COO 


H—N+—CH,CH,—+N—CH,CH,—+N—H 
H 
OOCCH, CH,COOH 


has been extensively investigated. The results of detailed studies concerning the 


interaction of this ligand with Fe(I1) and Fe(III) ions. as well as with the rare earth 


ions have been reported recently."*) Further publications concerning metal ion 


DTPA interaction have been limited to a discussion of the acidic properties of the 
ligand by Frost and its Ca(Il) and Meo(I1) chelating tendencies by KROLL eft a/.™ 


Since uses of chelating agents depend upon effective chelation of a wide variety of 


metal ions, it was considered desirable to investigate the interaction of a variety of 
divalent metal ions with DTPA. 


EXPERIMENTAI 


ethylene minepentaacetic ac pie was prepared in these laboratories. The purity was 
found to be 99 per cent by potentiome ¢ titration. Solutions were prepared about 2-3 10-°M 
and wer tandar KA potentiometric titration. The metal ion solutions were prepared from 
J I Bak \ c Re were standardized by complexometric titration 


tate and Zincon indicator 


\ 
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standard solution of triaminotriethylamine trihydrochloride (TREN) was prepared by dissolving an 


accurately weighed amount of the pure hydrochloride in water and by diluting to volume 


Experimental procedure 


All titration data were obtained at 25°C and the ionic strength was maintained at 0-1 with potassium 
nitrate in a nitrogen atmosphere. Standard CO,-free KOH was emy ed as the titrant. The glass 
electrode—calomel clectrode—Beckman Model G pH meter system c tO measure solution pH was 
calibrated against acetic acid and hydrochloric acid to read hydroger concentrations. Exchange 
measurements employing TREN were made by the same procedure bed by HARDER Absorp- 
tion spectra were measured at ambient room temperature on unthe Stated solutions with both 


Beckman-DK-1 and Cary recording Spectrophotometers 


RESULTS 
pH-Titration studies 
1 : | Metal-DTPA systems. Potentiometric titrations of DTPA acid in the absence 
and in the presence of equimolar amounts of Cu(I1), dil), 
Mn(I1) and Ca(II) ions are shown in Fig. 1. The acid titration in the absence of metal 


| 
7 
{ 
j 
~ 
4 
a 
Fig. 1 Titration of DTPA in the absence and in the presence cK ounts of ¢ It) 
Nill), Coll, Zatch, Cail), Mail), and Calll) io Abscissa sof KOH ded 
mo Imino acid 


ions has a single well-defined inflexion at an a value of 3. « responding to the for- 
mation of a tripotassium salt. (a denotes the moles of hydroxide ion added per mole 


of amino acid.) If a trizwitter ionic structure correspondi » formula I is assumed. 


then the titration curve represents in the a interval of 0-3 three over lapping dissociation 
steps involving two carboxyl hydrogens and an unusually acidic ammonium nitrogen 
Similarly the a interval between 3 and 5 represents the over! ipping dissociation of the 
two remaining positively charged amino nitrogens. The titration curves obtained in 


the presence of equimolar amounts of the metals may be grouped roughly into three 


types. 
The curves of the first group, corresponding to the Zn(IL), Ni(II), Co(11) and 
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chelate systems are characterized by the presence of two inflexions after four and five 
moles of base have been added per mole of ligand. Hence. the first step involves the 
formation of a metal hydrogen chelate according to the reaction 


H.A M? 40H >» 4H,O /DTPA 


where H,A represents DTPA acid. 
Since MHA*~ corresponds to a relatively weak acid, the second reaction step 
nvolves the neutralization of the remaining proton to form MA®* 


MHA* OH » H.O 1|OH-/DTPA 

Ji 

3 : é 
I 2 I DTPA vo 
‘KOH 


A single steep inflexion at five equivalents of base is obtained. In this case, the 
hydrogen complexes are considerably more acidic than are those of Cu(II). Ni(II). 
Co(Il) and Zn(Il). ¢ onsequently the second neutralization step between a values of 
4 and 5 ov erlaps that between a QO and a 4. The Ca(II) titration curve is typical 


of that obtained when rel 


itively weaker Ca(II) chelates are formed. It is seen that 
little if any pH depression is obtained in the a interval of 0 to about 2-5 Consequently 
the Ca(II) chelates are extensively dissociated in the corresponding pH range of about 


2:7 to about 5-5. Since the primary ligand species at pH 5-5 is the divalent anion 
H,A*-, the formation of the Ca(I1) chelates may be described by the following reaction: 


H,A* + Ca®* + 20H > CaA* 2H,0 
Vetal-DTPA titrations involving metal/ligand ratios of 2/1. Titration curves of 


solutions containing two moles of metal ion per mole of ligand are shown in | ig. 2. 
All titration curves. excepting Cu(II) have single inflexions at a 5, and precipitation 


ae 
a 
The ¢ and to alesser extent the MniIl) curves represent a one tenon utralization. 
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of a solid phase, probably the corresponding metal hydroxides, occurs soon after a 
values of about 5-3 had been exceeded. The Cu(II) syste id two inflexions at 
a = 5 and a second (not shown) at a = 7 (pH about 10), after which a solid phase 
was discernible. The most significant difference between the | : 1 and 2 : | titration 


curves 1s the effect of the second mole of metal ion upon the buffer regions between 


a values of four and five of the | : 1 curves. The addition of ( u(Il), Ni(ll), Co(H) 
and Zn(II) ions results in a lowering of this buffer region to iower PH values to such 
anextentthatthe | : | inflexion at a 4iseliminated. 7 ctol Cu( and 
IS SO great that some lowering of the buffer region of the | curve at a values less 
than four is obtained. In contrast to this behaviour the effect of a second le of 
Cd(tl) and Mn(Il) ions upon the | : | system is very small. Little if any change in 
the relative positions of the buffer regions were observed in the | : 1 and 2 : | curves 


This pH effect, together with the fact that the precipitation of the slightly soluble 


metal hydroxides occurs at higher PH levels than those obs« d in the absence of the 
ligand, indicates the formation of binuclear chelate forms. M \ Ihe process ma\ 
be visualized as the interaction of the metal mono- or dihvdr. gen chelates with addi- 


tional metal ions according to the following reactions 
MH.A M? >» M.A 2H 
MHA* M? M.A H 


The second reaction step of the Cu(II)-DTPA system involves the reaction of two 


additional moles of base. The simplest interpretation co tent with the data is 
the stepwise formation of mono- and dihydroxo complexes lowed by dispropor- 
tionation at higher pH levels according to the following reactions 
Cu,A OH >» Cu,AOH: 
Cu,AOH? OH >» Cu,A(OH), 
Cu,A(OH),° >» CuA® Cu(OH), 

Spectrophotometric studies on the Cull}\-DTPA fem. 7 combining ratios of 
Cu(Il) ions and DTPA have been determined spectrophotometrically at a pH of 6 
by the method of continuous variations introduced by Jo ind odified by 
VosBuRG and Cooper.'*) The absorption Spectra of solutions containing varying 
molar ratios of Cu(II) and DTPA but at a constant 1 concentration of metal and 
ligand are shown in Fig. 3. These data show that solutions c ntaining meta rand 


ratios greater than | :1 have an absorption maximum at approximately 740 mu. 
whereas the maximum is shifted to 660 mu for solutions in which C../¢ 1. Plots 
of Y (the difference betw een the obser ed optical density and thatc ilculated for the 


components assuming no interaction) versus the mole fraction of Cu(I1). at these 


wavelengths, shown in Fig. 4, have maxima at 0-5 and 0-66. rresponding to the 


formulas CuA and Cu,A. Therefore, the existence of both species is confirmed 


Calculation of metal chelate equilibrium constants 

Vetal hydrogen chelate formation constants. The formation of monohydrogen 
metal chelates is clearly indicated on the basis of the | : 1 titration data for all 
*' P. Jos, Ana. Chim. 9, 113 (1928) 


P. Jon, Ann. Chim. 6 97 (1936) 
W. C. VossurGc and G. R. Cooper, J. Amer. Chem. So. 63, 437 (1941) 
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strongly complexing metals. However, further interaction of MHA with hydrogen ions 
to form dihydrogen chelates, although not apparent on the basis of these data, is 
quite reasonable when one considers the number of free electron donor groups, which 
are available even if the ligand completely satisfies metal co-ordination requirements 
of four or six. Consequently the formation of hydrogen complexes may be defined in 


two successive steps as shown in equations (1) and (2). 
[MHA*] 
[MH,A-] 


H 


Perhaps the simplest approach to the calculation of Ayu, and Kyra is the method 
described in detail by CHABEREK et a/.®) in which hydrogen ions are considered ligands 


5BO 60 650 FOC 750 BOO 


Wavelength, my 


Fic. 3.—Continuous variations spectra of Cu(II)}—-DTPA pH 6: Cys Cy 3-5 10-°M: 
Letters denote the following Cm/Ca ratios: B,1:0; D,1:1; F.3:1: G,1:2; 
mica 


which combine with MA*-. It is reasonable to assume, on the basis of the steep 
inflexion at a = 5, that the only species existing at the pH corresponding to the in- 
flexion point is MA*~. Hence, this point may be considered the start of an acid 


titration, in which the amount of hydrogen ions reacted may be related to the for- 
mation of the hydrogen chelates. If it is further assumed that during the formation 
of MHA* and MH,A~ no appreciable dissociation of the 1 : 1 chelates occurs, then 


the following relations are valid 


C, = Cy = [MA*] + [MHA?] + [MH,A-] (3) 


(5-a)C,—[H*] = [MHA*] + 2[MH,A-] (4) 


The Bjerrum function, fi, corresponding to the average number of H bound per mole 
of metal is expressed by (5): 
[MHA*"] +  (5-a)C,—[H*] 


— (5 
Ay C,, Cy ) 


S. CHABEREK, R. C. Courtney and A. E. MARTELL, J. Amer. Chem Soc. 75, 2185 (1953). 
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Fic. 4.—Variation of Y with mole fraction of Cu(ID) for Cu(ID DTPA at pH € 


Ordinate Y denotes the differenc the observed optic: sity 
no reaction between Cu(II) and DTPA 


t calculated assuming 


First approximations for log Ky, and log Ky, were obtained from a plot of 
Ay VS. pH at Ay values of 0-5 and 1-5, respectively. The corre sponding values corrected 
for overlapping by the method of CARLSON et al. are listed in Table 1. It was not 
possible to obtain a reliable value of Avy 4 for Mn(Il)}-DTPA, since appreciable 
dissociation of the MnHA occurred in this PH range. 

The Ca(I}-DTPA system. Equilibrium constants governing the interaction of 
Ca(I1) ions with DTPA were calculated from potentiometric titration data on solutions 
containing metal/ligand ratios of | and 10 by the graphical method of SCHWARZENBACH 
and ACKERMANN.""” These values correspond to the following four reactions 


[(CaHA2-] 


+ HA* CaHA? = 10" 
[Ca?*] [HA* ] 

= CaHA* 

H* CaHA? Kya IC 
[CaA*][H 

CaA*] 

[Ca**] 


[CaA*-] [Ca**] 
Binuclear chelate formation constants. The equilibrium constants, Ky.,, describing 

the formation of M,A~ according to the reaction were calculated directly from the 

[M,A-] 


G. A. Carson, J. P. MCREYNOLDs and F. H. Vernoex. J. Amer. Chem. § 67, 1334 (1945) 
")) G. SCHWARZENBACH and H. ACKERMANN, Helv. Chim. Acta 31, 1029 (1948) 
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potentiometric titration data for solutions containing meta! ligand ratios of 2? : 1] 
addition to equations (1), (2) and (6), the following relations con pletely define the 
system. 
Cy [Cu**] [(CuHA?*>] [(CuH,A-] 2[Cu,A [(CuA*] 
C, = [CuA*] + [CuHA*-] [CuH,A~] [Cu,A>] (8) 


(5-a)C,—[H*] + [OH-] = + 2[(CuH,A-} (9) 


Here it has been assumed that the dissociation of CuA*- to metal and free ligand is 
negligible. 


Calculation of Ky. The Ky, values defined by equation (10) were determined by 


the method of ACKERMANN and SCHWARZENBACH."2 


(10) 


The basis for this procedure is the introduction of a second chelating agent. triamino- 
triethylamine trihydrochloride (H.,B*’ ), which competes with DTPA for the metal ion. 
M(II1), and Ca(I1) ions which are chelated by the amino acid but not the polyamine. 
The resulting equilibrium may be defined by the equation 


MA* Ca* MB? CaA* 3H 


The degree of exchange forming MB? may be readily determined by potentiometric 
titration of the liberated hydrogen ions. The exchange constant. K. is simply related 
to Ay. by equation (11): 


(11) 
[MA*-] [Ca**] [H.B**] 


where ky. ky and ky are the acid dissociation constants of H ,B**, and Ky», and 
K.,, are the chelate formation constants of M(II) with the amine and of Ca(Il) with 
DTPA, respectively. 

Log Ky, and log Ky, values are listed in Table 1. The second list of K« , Values 
are those reported by The Geigy Chemical Corporation" while the present investi- 
gation was in progress. Formation constants for EDTA,“ N_N’-ethvlenediamine- 
diacetic acid (EDDA), and N-hydroxyethylethylenediaminetriacetic acid 
(HEDTA)"® are also listed for comparison. 

Values for Ky,,, defining the equilibrium 


M2 MHA? 


were calculated from the corresponding Ky,, values and Kyriy4 listed in Table 1 by 
the following equation: 

M , 

Kyra Ky aks (12) 


where k,, is the fifth acid dissociation constant for DTPA. 


2) H. ACKERMANN and G. SCHWARZENRBA H, Helv. Chim. Acta 32, 1548 (194 
13) Chel 330, Technical Bullet n, The Geigy Chemical ¢ orporatio Ardsley 
4) G. ScCHWARZENBACH, R. Gut and G. ANperec« He Chim. Acta 37, 
S. CHApeREK and A. E. Marrete. J. Amer. Chem. So 74, 6228 (1952) 


S. CHaperek and A. E. J. Amer. Chem. Soc 77, 1447 (1955) 
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DISCUSSION 
It is seen that while the Ky, values are comparable for all the metals listed in 


Table 1, considerable variation in the various Kyii4°8 18S apparent from the data. The 
relatively strong acidity of the first proton of MH,A suggests that it is associated with 
an unco-ordinated carboxyl group. Probably more interesting are the differences 
between the Kyi. and Ky, values for these metals. The smallest difference occurs 
with Cd(II)}-DTPA and corresponds for the most part to the statistical difference 
between the log K's that may be expected in the binding of a second hydrogen to an 
unco-ordinated carboxy! group of the CdHA chelate. However, the corresponding 


differences for the Cu(II), Ni(I1), Co(IL) and Zn(II) systems are much too great to be 
related primarily to statistical considerations. These data indicate that the binding 
of the first hydrogen to these metal chelates probably involves an inherently more 
basic site, such as a metal-unco-ordinated amino nitrogen donor. 

In the case of Cu(II) ions, which generally combine with four donor groups 
arranged in a square planar configuration, interaction of the metal ion with the octa- 
dentate DTPA can involve a numbet of carboxylate and nitrogen donor combinations 
which satisfy co-ordination requirements. However, the two fundamentally different 
arrangements for the | : | CuA chelate are those corresponding to formulae II and 
Iil, in which Cu(II) is co-ordinated with two nitrogen and two carboxylate donors, 


or with three nitrogens and one carboxylate oxygen 
CH,COO 
OOCH,C CH, CH, CH,CH,N OOCH.¢ CH, CH, CH,COO 


CH,COO ) N 


CH,COO- 


CH,COO- 


Inspection of the molecular models for Il and III shows that both structures are 
sterically possible. 

In order to obtain additional information concerning the structure of the Cu(II)- 
DTPA chelates, the absorption spectra of CuA*-, CuHA?> and Cu,A~ were compared 
with those of Cu(II) N-hydroxyethylethylenediaminetriacetate (HEDTA), Cu(Il) 
diethylenetriamine (DIEN), and Cu(II) triethylenetetramine (TRIEN). The spectra 
are shown in Fig. 5 and the structures of the complexes are listed in Table 2. Molar 
ratios of metal and ligand as well as solution pH were adjusted so that a single 
predominant chelate species existed in solution. A comparison of the spectra of 
Cu(Il)-HEDTA, Cu(II)-DIEN and Cu(I}}-TRIEN shows that the maxima are 
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shifted to shorter wavelengths as the number of co-ordinated nitrogen atoms increases. 
The close proximity of the identical peaks of CuHA and ¢ u,A at 740 my with that 


of Cu(Il)}-HEDTA at about 714 mu strongly indicates that in all three compounds 
one Cu(II) ion is co-ordinated to two nitrogen and two carboxylate donors corre- 
sponding to formulae Ila, IIb and IV. The presence of a terminal unbound imino- 


diacetate group in Ila and IIb accounts for the appreciable stability of Cu.A and also 
< 


600 100 B00 

Wavelength, 

bi > Absorpt pectra ¢ i. Cull 7-4 

Cu(ll)}DIEN, pH Cu(ll}-DTPA, pH 7-4 HEDTA, pH 7-4 
(11)-DTPA, pH 3-35 


rrys 


for the relatively low acidity of the hydrogen of CuHA fo ligand compared to 


that involving the CuHA form of EDTA (log K +0). In the case of Cu(II) 
EDTA it is almost cettain that the hydrogen is bound to a carboxylate gro ip. For 
Cu(Il)-DTPA the shift in the absorption maximum for CuA to shorter wavelengths is 


consistent with a rearrangement of donor groups to the structure involving three 


nitrogens and one carboxylate group denoted by formula III 


While these studies have been conducted only with Cu(II}-DTPA. it isquite probable 


that similar rearrangements may also be involved with the Ni(II), Zn(11) and Co(II) 


DTPA systems. When solutions containing equimolar amo s of Nill) ions and 


DTPA were titrated, it was found that equilibrium was rapidly attained in the @ 


interval of 1-4. However, extremely slow pH equilibrium values were attained 


between a 4 and a 5. This behaviour may be indirect evidence for the rapid 
formation for a Ni(II)}-DTPA chelate similar to formula II followed by a slow re- 


arrangement of donor groups to give III. For Zn(II) having a co-ordination number 


of four, the ZnHA structure would be similar to IIb. except that the donor groups 
would be arranged tetrahedrally about the metal. In the case of Ni(ID) or Co(II) 


requiring an octahedral spatial configuration, the additional acetate group may also 
be involved so that the ligand provides five donor groups, the additional position 


/? 
11 
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TABLE 2.—PROBABLE STRUCTURES FoR Cu(I1)}-DTPA CHELATES 


pH Formula Cuttl)-Chelate 


CH,.CH, CH,COO 


HEDTA 


CH,CH 


CH.CH, 


CH,.COO 
OOCH.( CH,-CH, CH,CH,N-H 


N CH,COO 


A 


ax 


(mis) 
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Ligand 
HA CH 

Cu 

CoO 

\ 

DIEN 75 H.N N 610 
CH 
; Cu 

CH 

H,O NH, 

TRIEN CuA? H.N N 525 
= CH 

Cu 

= CH 

CH, CH, H 

VI 

4 DTPA 335 CuHHA N 740 

3 CH, CH, 

oO 

Ila 
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OOCH.A CH.CH CH,CH,-N ( OH 


DTPA 


OOCH.A CHLCH, CH.COO 


DTPA 


-~OOCH«A CH,COO 


being filled by a water molecule. No confident speculations can be made for Cd(I1) 
and Mn(Il)-DTPA on the basis of available data. Althoug ir Structures may be 


similar to those described above, the relatively greater acidity of CdHA may be 


related to the association of the proton to a carboxylate group, thus allowing direct 


combination of the third nitrogen with the metal 


The log Ay , values listed in Table | indicate appreciable binding tendency for 


the second mole of ¢ u(ll) and Ni(IL) ions With the exceptio of Zn(11), the st: bilities 
of these complexes follow the MeLLor and MALE sequenc Ihe greater stability 
of Zn.A, compared to Co.A, is probably a result of the relat ely greater basicity of 
the hydrogen of ZnHA (log K, 1A 5-60, log A, WA 4-94 


With the exception of Co(II) and Ca(Il), there is good agreement between the 


log Ky, values of this study and those reported by Ge Log A for the 


transition metal is lower by about 0-6 log & units, while the Ca(II}-DTPA constant 


is higher by the same amount. In general, the DTPA constants are greater than the 
EDTA values by 1-8 to 2-4 log K units. the exceptions being about 1-0 units for Ni(ID 
and Cd(I1), and equivalent values for Ca(I1). In the case of the former two complexes, 


greater differences in the affinities of these metals with respect to the Cu(ID) and Zn(II) 


chelates are apparent than with the similar metal complexes of EDTA 


The log Ay,,, values for the remaining divalent metal ions are intermediate in 
MELA 


magnitude to those for the tetradentate EDDA and the pentadentate (or hexadentate) 


D. P. Mector and L. E. Matey, Nature, Lond. 189, 370 (1947) 


4 
CH, oO 
7-4 Cu,A N N CH. O 740 
4 HA ( CH 
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HEDTA with the exception of Cu(II)-—DTPA. The levels of these metal ligand 
interactions are not unexpected, since the DTPA anion, HA*~, has five electron donor 
groups available for direct combination with a metal ion to form MHA complexes, 
similar to formula II, without requiring the displacement of the remaining weakly 


acidic hydrogen. Hence, the utilization of all five donor groups in the formation of 
MHA should be reflected in a formation constant greater than that for EDDA, 
which provides four electron donor groups. Similarly, the K™,,, values are smaller 


than the Ay, values for both potentially hexadentate EDTA and HEDTA, in spite of 
the fact that the metal co-ordinating tendency of a }-hydroxyethyl group is con- 
siderably weaker than an acetate group. A more quantitative comparison of the 
relative Ky,,, values is not possible on the basis of available data. It is probable 
that factors other than the polydentate nature of the ligand influence the magnitudes 


of this equilibrium constant 


Vote added in proof: After this paper was submitted for publication, studies of metal 
DTPA interactions paralleling those discussed in this paper have been described by 

} 
DuRHAM and RyskiewicH in J. Amer. Chem. Soc. 80, 4812 (1958). Substantial 


agreement exists between the quantitative results of the two investigations. 
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The interactions of rare earth ions with diethylenetri 


Abstract nepentaacetic acid have been 


investigated by potent ometric p ocedures Metal chelate format constants have been c ilculated 


and compared with those defining similar interactions with ethylenediaminetetraacetic acid and 


N-hydroxyethylethylenediaminetriacetic acid. 


THE use of ion exchange resins in conjunction with metal complexing agents is now 
an established procedure for the fractionation of rare earth mixtures. The process 
is based on the exchange of metal species between an ion-exchange resin and a 


chelating agent. In general, the ion-exchange resin is assumed to have little selectivity 


toward the various rare earths. Therefore, the degree of separation obtained in a 
given bed depth and the order of elution is determined primarily by the relative 
chelating tendencies of the eluant for the metal ions. A knowledge of the metal 


chelate stability constants for the rare earth chelates gives a good indication of the 


separability that may be achieved by the use of the ligand as an eluting agent 


Information on the rare earth chelating tendencies of polyaminopolycarboxylic 


acids has been limited to ethylenediaminetetraacetic acid (EDTA)''* and N-hydroxy- 


ethylethylenediaminetriacetic acid (HEDTA).™ It was considered desirable. as 


part of a general investigation of rare earth chelates to study the interaction of these 
ions with diethylenetriaminepentaacetic acid (DTPA, formula 1). Such data should 
be useful in the evaluation of this compound as an eluting agent in rare earth fractiona- 


tion, as well as in relating metal chelate stability to ligand structure. 


OOCCH, CH,COO 


CH,COO 


H—N—CH,CH,—N—CH,CH,—N—H 


HOOCCH, H CH,COOH 


METHOD OF MEASUREMENT 


It was evident that the magnitude of the equilibrium constants defining the formation 
of the rare earth-DTPA chelates would be sufficiently great so as to preclude their 
determination by direct potentiometric (pH) measurements. Consequently, an 
exchange procedure introduced by SCHWARZENBACH ef a/."’ and used by SpEDDING 


! R.C. Vicxery, J. Chem. Soc. 1895 (1952) 

2» FE. J. WHee_wricut, F. H. SpeppinG and G. SCHWARZENBACH, J. Amer. Chem. Soc. 78, 4196 (1953) 
(3) G. SCHWARZENBACH, R. Gut and G. ANpereaa, Helv. Chim. Acta 37, 937 (1954) 

Speppinea, J. E. Power and E. J. J. Amer. Che Soc. 78, 34 (1956) 

(8) G. SCHWARZENBACH and E. Frertac, Hele. Chim. Acta 34, 1503 (1951) 
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et al.” in the study of the rare earth N-hydroxyethylethylenediaminetriacetate 


(HEDTA) systems was applied to this system. The technique involves the pH 
titration of solutions containing equimolar amounts of Cu(II)-DTPA, rare earth 
metal ion, and triaminotriethylamine trihydrochloride (TREN). If A® denotes 
the pentavalent DTPA anion, R the rare earth. and H,B* the amine trihydrochlo- 


ride, then the exchange may be described by the following reaction: 


CuA* —- RA? 3H 


The second chelating agent, B, should have a strong affinity for Cu(Il) and a 


negligible tendency to bind with R. I nder these conditions the liberation of hydrogen 


ions may be related to the degree of exchange. This reaction ma\ be expressed in 
the following manner 


A 
CuA B® > RA? 


and the exchange constant, K.. is defined by, equation (1) 


[CuB?*] [RA2-] 
[B} 


(1) 


If both numerator and denominator of (1) are multiplied by [A®-] and [Cu?*], and 


if terms are rearranged, it follows that 


K (2) 


where Keun, Kyy. and K,,, are the chelate formation constants corresponding to 


the following reactions 


[CuB*} 
Cu- B® —- CuB? Koy (3) 
[Cu**] [B°) 


[RA*] 
[R°*] 


[(CuA*] 
Cu* CuA3 Keus (5) 
[Cu**} 


It is seen, therefore, that if K, can be determined experimentally, and if Keyy, and 
Keua are known, Ky, may be calculated from (2) 


EXPERIMENTAI 
Preparation of 0-01 M triaminotriethylaminetrihvdrochloride (TREN) 


ired in the usual manner from the corresponding amine obtained 


The trihydrochloride was p 


from Carbide and Carbon Company and was purified by triple recrystallization from a hot 


C,H,OH-H,O mixture. The final solution was prepared from a weighed sample of the trihydro- 


chloride salt 


Preparation of 0-01 M Na,CuDTPA 


A stock solution of DTPA acid approximately 0-025 M was prepared and standardized potentio- 


metrically with 0-1 M potassium hydroxide. The final solution was made up by mixing appropriate 


volume the stock solution and 0-1 M CuCl, solution, adjusting the pH to 69, and diluting 
to 1 |. with distilled water 
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Preparation of 0-003 M rare earth chloride solutions 


The twelve rare earth oxides used in this study were reported to be 99-9 per cent pure. All except 


praseodymium were assumed to R.O The oxide of praseod n was taken to be Pr.O 

Solutions were prepared according to the procedu e outlined by Spt NG et al.,’* and fin ! molarities 
were checked by adding to an aliquot of tne ire earth solutio excess of stand dd sodium 
dihydrogen ethylenediaminetetraacetate and back tits iting the excess with standard Zn(II) in the 


presence of Zincon indicator 


Preparation of experimental solutions 


Thirty-six wide-mouth 4 oz bottles were cleaned and di ied. To each was added by buret 6-00 ml 
of 0-01 M TREN and 6-00 ml 0-01 M Cu(II DTPA solution The © three each of the DTPA 
bottles was added 20 ml of a rare earth chloride solution. Molar of TREN : Cu(II}-DTPA 
R(II1) were then 1 : 1: 1. One-tenth molar potassium hydroxide was led to each bottle in amounts 
equal to three selected a values of 0-5, 1-3. and 2-1 ( vhere a deno les of hydroxide added per 
mole of TREN). Sufficient potassium chloride was added to ad the solution ionic strength 
to 0-1, and the solution was diluted to a final volume of 60 ml The tions were then flushed with 
nitrogen, capped, and thermostatted at 25 O-1°C. After equilibri 9H readings had been attained, 
additional increments of st indard hydroxide were added to ad | ca ilues to approximately 


0-9, 1-7 and 2-5, and equilibration was continued. Six equilibrium pH readings were thus obtained 


for each rare earth chelate system 


Veasurement of pH 


The solution pH was measured with a Beckman G.S pH meter on the expanded scale. The 
expanded scale has a total range of 200 mV and is calibrated into 1000 divis ons The instrument 
was very stable and gave an average deviation of 2 divisions or ~0-006¢ PH units on eighteen sealed 
bottles taken 5 davs apart. The instrument was calibrated in an abs te sense from readings taken 
on acetic acid solutions. The scale was calibrated to read |} ydroge [ ncentration by comparing 
the readings to hydrogen 1on concentrations calculated from t data on acetic acid. To 
determine the drift of the instrument. the F.S (expanded scale) ling of a thermostated 4-0] 
Beckman buffer was taken at the same time as the calibration. 7 ime sealed buffer solution 
was used throughout the readings on the bottles The E.S. rea ’s were guite line vith the 
calculated pH, as the average deviation over the pH range 3-2-5-2 nly 0-003 pH s from 
the calculated line. The pH measurements of the bottles were taken d ctly fro é i outh 
bottles alter the buffer solution h id been checked I ignteen b © checked 24 and 
again at 5 days, and the average net change was only 0-006 pH units experimental err< o 24 hr 
was considered ample time to reach equilibrium 


RESULTS AND DISCUSSION 


The metal-DTPA systems 


The fact that DTPA has eight co-ordinating sites poses a number of technical 


difficulties not encountered in similar measurements in\ » N-hydroxvethylethy- 
lenediaminetriacetic acid or ethylenediaminetetraacetic aci Since t common 
co-ordination numbers for the rare earth and copper ions are and four, respectively, 
the formation of either the hexadentate rare earth chelates or the tetradentate Cu(I1) 
DTPA would leave available additional electron donor ¢ ps for combination with 
hydrogen ions (metal hydrogen complexes) or, especially with Cu(II)}-DTPA, bi- 


nuclear complexes. Since much valuable information concerning the nature of 
metal-ligand interactions may be derived from simple pH titration data, a number 
of titrations of DTPA in the presence of rare earth or Cu(Il) ions were run The 
results are shown in Fig. 1. The interaction of the rare earth ions with DTPA was 
screened for two metals, La(II1) and Yb(II1). These ions represent, in a normal 


sequence of stabilities the most weakly- and most strongly-bound metals. It is seen 
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that the titration of solutions containing equimolar amounts of the metal and chelating 


agent gives essentially identical curves for both metals. A single steep inflexion at 


five moles of base per mole of amino acid, indicates the formation of a normal 1 : ] 


metal chelate, (RA?~), for both metals. Evidence of hydrogen complexing and the 
formation of (RHA~) was obtained from a mathematical treatment of data by a 
procedure outlined by CHABEREK et al." 


The dissociation constant for the reaction 


RHA™~ RA? H 


was found to be approximately 10-*8 for both the Yb(III) and La(II1) systems. The 
Strong acidic nature of (RHA~), therefore. indicates that the associated hydrogen 
is probably bound to an unco-ordinated carboxylate (COO~) group, and that the 


> \ 


Titration of DTPA t ce rare earth and Cu(II) ions 


( It): 1 DTPA 
La(ill) or 1 1 DTPA; 
Cu(ll) : 1 La(il): 1 DTPA; 
Cu(ll) : 1 DTPA 


formation of the hexacovalent rare earth chelates involves co-ordination with all 
three nitrogen donors and three carboxylate groups. Such an arrangement of donor 


groups would preclude the formation of a stable binuclear chelate, (R,A*), since 


an additional chelating site would be unavailable. Additional information in support 


of this conclusion was obtained from a comparison of the titration curves (not shown) 


of solutions containing two moles of rare earth ions per mole of amino acid with 
the 1:1 curves shown in Fig. 1. Both 1:1 and 2:1 curves coincided in the a 


S. CHaperek, R. C. Courtney and A. E. Martett, J. Amer. Chem. Soc. 75, 2185 (1953). 


Vol, 
11 
195¢ 


* 
1 
| 
a 
6 
4 
4 | 
A 
1.—Titration of Me-DTPA 
q 


The interaction of rare earth ions with diethylenetr laminepentaacetic acid 201 


interval of 0-5; beyond this value in the 2 : 1 solution. precipitation of the additional 
mole of rare earth commenced at about the same pH interval as that observed for 
solutions of rare earth chloride alone. 

The interaction of Cu(II} ions with DTPA must also be considered. This metal 
ion has a co-ordination number of four and its combination » ith complexing agents 
usually results in the formation of Square planar complexes. Titration curves of 
solutions containing one and two moles of Cu(II) per mole of DTPA are also shown 
in Fig. 1. In the case of the | : 1 system. the single inflexion at a = 5 indicates the 
formation of a 1 : 1 chelate, CuA*~. It is seen, however, that a change of slope 
occurs in the a interval of about 4-5. This behaviour has been ascribed to the titration 
of the associated hydrogen of a copper hydrogen complex ; ccording to the reaction: 

CuHA? OH~ CuA* HO 
Further interaction of hydrogen ions with CuHA may occur at lower PH levels to 
form a dihydrogen Cu(II) chelate, CuH,A~. Hence, equilibrium relations between 
CuA, CuHA, and CuH,A may be defined by the following reactions: 


[(CuHA] 
[(CuHA][H*] 
[(CuH,A] 
[(CuHA][H*] 


The charges of the metal chelates have been omitted for bre vity. The magnitudes 


A 


CuA + CuHA 


H 


Ky \ 
CuHA~— H > CuH,A 


Of Kou, and Keuy , were calculated from potentiometric data obtained by the 
titration of a solution of K,Cu-DTPA at 25°C in 0-IM KCI with Standard HCI. In 
addition to (6) and (7) two additional relations are available 
Coys [CuA] + [CuHA] + [CuH,A] (8) 
Cy — [H*] = [CuHA] + 2[CuH,A] (9) 
where C,,,, denotes the initial concentration of CuA and C,, is the concentration of 
HCI added at any point along the titration curve. Since there are five unknow ns 
and four equations, it was assumed that the concentration of ¢ uH.A was negligible 
during the initial part of the titration, and K,.,.,,, was then calculated. The second 
association constant, Ay,.,, was calculated from pH data below 4-0 by assuming 
negligible CuA. Average values for Ky,,, and K, were 7-4» 10° and 
1-34 10°, respectively. In view of the relatively weak acidic properties of CuHA, 
compared to RHA, it is believed that the associated proton is bound to a terminal 
nitrogen and that the structure of the Cu(II) hydrogen chelates may be represented 
by formula IT. ( H.¢ OO 
OOCCH, CH,CH, CH,CH,—-N—H 


CH,COO 


E 
(6) 
(7) 
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It is seen, therefore, that in such a configuration there is available an iminodiacetate 
group which can react with additional metal (Cu(II) or R(IIN)) forming binuclear 
chelates of the type Cu,A and CuRA. That CuHA reacts with additional metal is 


strikingly demonstrated in Fig. |. A comparison of the | : 1 and 2 : | Cu(II)-DTPA 


curves shows that the addition of the second mole of Cu(Il) causes a shift of the 


titration curve to lower pH values in the whole a interval of 0-5. No precipitation 


of cupric hydroxide is evident until a pH of about 8-3 is exceeded. In this case CuH,A 


may be considered as a dibasic acid, and interaction with additional Cu(11) ions may 


be summarized by the reactions 


CuH,A Cu®* —-Cu,A + 2H 


CuHA Cu* 


~Cu,A H 


Recent detailed studies on the Cu(II)}-DTPA system have confirmed the formation 
of this binuclear form he binding of a rare earth by this iminodiacetate group is 
also apparent from a comparison of the | : 1 Cu(II)-DTPA curve with that of a 
solution containing in addition to the | : 1 Cu(II)}-DTPA an equimolar amount of 


La(Ill)ions. It is seen that in the presence of La(IIIl) the CuHA buffer region between 


a 4 anda 5 is displaced to lower pH values, although this shift is not as great 


as that obtained in the presence of an additional mole of Cu(I1). Hence, the combining 
tendency of a second mole of Cu(II) with the | : | Cu(I1)-DTPA is greater than the 


corresponding combination with La(II1). 


The DTPA-TREN exchange system 


It is apparent from the foregoing discussion that the interaction of DTPA with 


Cu(II) and rare earth ions is considerably more complex than that involving EDTA, 


for example. Hence, in making the preliminary calculations of the exchange constant, 


K,, a number of assumptions were made 
(1) The binding of R(III) to TREN is negligible compared with its binding with 


the other ligand 
(2) The effect of RHA and CuH,A formation is negligible in the working pH range 
(3) The effect of Cu,A and CuRA formation was neglected, tentatively. 
he first assumption was shown to be valid by SpeppinG.’ The second is also 


reasonable. For example, the equilibrium pH range of the exchange measurements 
varied from 4-2 to about 4-€. In view of the strong acidic properties of RHA and 


CuH,A, these forms would constitute a relatively small percentage in relation to PA 


or CuHA. The third assumption was a necessity at this time, since no data were 


available from which to estimate the magnitude of the equilibrium constants governing 


the formation of these forms. Under these conditions. the following relations 


are valid 


C, = [(CuA] + [CuHA] + [RA] (10) 
[Cu] (11) 


[CuB] 


[CuA] — [CuHA] 
(12) 
[RA] (13) 


3{CuB] — [CuHA] (14) 


[CuB] 
[R] 
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Also, the acid dissociation constants. k,. . and for TREN trihydrochloride 
are given by (15-17) 
[H*] 


[HB] 


10-25 (17) 


Mathematical treatment of equations (3). (6). and (10-17 allows the calculation of 


by a 


where 3 ¥ [H*] 


Che concentrations of (CuA), (RA). (CuB). (R) and (B) were culated by resubstitu- 


tion of this value fron (18) into the above equ: } 1 ’ was determined from 


the computed exchange constant, K,, and the wing value con and Keys 


(equations 3 and 5)—A 


TABLE | LUES FOR R-DTPA 


Average log K,,, values determined from data at a values of 0-5 and 1-3 are listed 
in Table |. The most interesting aspect regarding these values is apparent trans- 
position of the Yb(II1) and Dy(II}) values, an observation not reported previously 
with any other chelating agents. 


S. Cuaserek, A. E. Frost, M. A. Doran and N. J. Bicknewt, J. Inorg. Nucl. Chem 11, 184 (1959) 


4 [B] 
k 
} 
[HB] 
mMpie relationsn Pp 
(3% BP (p ( 0 (18) 
Vol, = Keay = 10%, 
Rare earth oo A log A 
4 La 16°50 18-63 
Py 17-78 19-9] 
Nd 18-08 20-21 
y 18-22 20-35 
Sm 18-53 20-64 
Yb 18-54 20-65 
Tm 18-58 20-71 
Eu 18-65 0-78 
Er 18-70 20-83 
Gd 18-71 0-84 
Tb 18-75 20-88 
Dy 18-94 21-07 
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Effect of binuclear chelate formation 


In order to evaluate the effect of (Cu,A) and (CuRA), the corresponding formation 
constants, Acy , and Acurs, defined by (19) and (20) must be known. 


Kou,A [Cu,A] 
Cu CuA > Cu.A Koy — = (19) 
[Cu] [CuA] 
KouRA [CuRA] 
CuA R —> CuRA Keours (20) 
[(CuA] [R] 
Since the values for Keun, and Key, were not known at this time, reasonable 


estimates were made for those involving Cu,A, CuLaA, and CuDyA on the basis of 


the following considerations. It is seen froma comparison of the structures of CuHA 
(formula Il) and the monovalent anion, HA~, of iminodiacetic acid (IMDA. 
formula III) that the former may be considered an N-substituted iminodiacetic 
acid, the amine nitrogen of which has been made considerably less basic by the 
inductive effect of this N-substituent. A number of inv estigators'*~”) have pointed 
out the linear relation 


CH,COO 
H—N—H 


CH,COO 
between the binding of a proton (expressed as the log of hydrogen association or 
dissociation constant) and the binding of the metal (expressed as log Ky,) for a 
series of structurally related ligands. This linear relation was assumed to hold for 
CuH-DTPA and IMDA. Use of Ky, and Ky, values of 10°27 and 10'5 for the 
proton association with the divalent anion of IMDA"” and the Cu(II)}-IMDA 
chelate formation constant, respectively and 10**? for Koy, (equation 6) gave a 
value for Ky, (equation 19) of 10°". 

The value of K,.,;., Was calculated from potentiometric data obtained by titration 
of a solution containing equimolar amounts of Cu(II), La(IIl), and DTPA. For 
calculation the reasonable assumption was made that the chelation of the rare earth 
involved only the terminal iminodiacetate group and that no exchange between 
Cu(II) and La(II1) occurred during the process. Treatment of the data by the common 
algebraic method gave for a value of 10°. A similar determination 
Of Keupy, Was not feasible since exchange occurred between the “‘centrally” chelated 

Cu(II). This value was estimated by assuming that the ratio of log K’s —-—“t“ 

would be equivalent to the ratio of the corresponding La-IMDA and Dy-IMDA 
values: 


log Keuraa log (21) 


log K, uDyA log Kpyimpa 


M. WILson and K. W. Witson, J. Amer. Chem. Soc. 67, 2003 (1945) 

G. SCHWARZENBACH, H. ACKERMANN and P. Ruckstun., Helv. Chim. Acta 32, 1175 (1949). 

L. G. VAN Urrert, W. C. Fernecius and B. DouGLas, Symposium of Equilibrium and Rate Behaviour 


of Complex Ions, Paper No. 23. University of Chicago, February 21-23 (1950) 
) S. CHABEREK and A. E. MarTeLt, J. Amer. Chem. Soc. 74, 5052 (1952) 
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R-IMDA constants, calculated from rough titration data, were 10° and 10®** 
for La(IIl) and Dy(TIt), respectively. Substitution of these numbers into (21) gave 
a log of 10*% 

Combination of the relations defined by K.,. K » and Kyo». with 
equations (10-14) modified to include the (Cu,A) and CuLaA (or CuDyA) forms 
allows the calculation of new values for Kia, and K,, The complexity of the 


equations precludes a direct mathematical solution for ¢) ese constants. Hence. 


an approximation method was used. The effect of these corrections on the log K,,, 
values is apparent from the data listed below 


log Ay. 
Uncorrected for Cu.A or CuRA Corrected for Cu.A or CuRA 


18-63 19-50 
21-07 1-23 


It is seen that the effect of Cu,A and CuRA formation is not insignificant, and that 


the differences between corrected and uncorrected values are not constant. but 
probably vary with the particular rare earth 


Estimation of Ky». 


In order to estimate Ky... values for the twelve rare earths more precisely it 


was assumed that, although the absolute magnitudes of the equilibrium constants 


differ for a series of structurally related chelating agents, the ratio of the metal chelate 


formation constants for various pairs of metals is constant for all these ligands. that is 


Ky mpa 

K, 


(22) 


etc. (23) 


i In this case, Ky... calculated from potentiometric measurements, served as the 
ri point of reference in establishing the order of magnitude and the ratio * was 
CuLaA 
: determined from the corresponding relations of the R-IMDA system. I og K values 
F for R-IMDA calculated from potentiometric pH data and the log K,,,., are listed 
3 in Table 2. 
values, together with the following more accurate values for Keuana> Keuy.a- 
” and K,,, ,. were used for the final calculations of Ky, by computer techniques 
(CuA*] 
[(CuH,A-] 
4 CuHyA 1-05 = 10° 
[(Cu,A~] 
6:20 10° 


‘ol, 
11 
Cc ) 5 9 
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TABLE 2,-CHELATE FORMATION CONSTANTS FOR R-IMDA ANp CuR-DTPA systems 
t 25°C = 01 (KCI 


log log K*cura log log Keura 


7:10 
Tm 7:50 5-92 711 5-53 
Er 7-40 5-82 Gd 7-02 5-44 
Dy 7°32 5-74 Nd 6:94 5-34 
6°87 


5-90 


[R-IMDA [CuRA] 


* Kp Keur 
R-IMDA ™ [IMDA? ] CuRA ™ (CuATIRI 


Results are listed in Table 3. 


TABLE 3.—RARE EARTH STABILITY CONSTANTS FOR 
DTPA, EDTA ann HEDTA 
t 25°C 0-1 


DTPA EDTA’ HEDTA" 


19-96 15-50 13-22 


Py 21-85 16°40 14:39 
Nd 22:24 16°61 14-71 
Sm 22-84 17-14 15-15 
Eu 22-9] 17-35 15-2] 
Gd 23-01 17-37 15-10 
Tb 23-21 17-93 15-10 
Dy 23-46 18-30 15-08 
Er 23-18 18-85 15-17 
Tm 22-97 19-32 15-38 
Yb 23-01 19-51 15-64 
Y 22-40 18-09 14-49 


The Eu(iil)-DTPA-EDTA exchange 

In view of the complex series of equilibria involved in the present method for 
determining absolute K,,, values, it was desirable to check the magnitude for at 
least One system by a totally independent technique. It is apparent that any use of 


systems involving metal exchange will only introduce the same uncertainties discussed 
above. However, it is possible to check the value for Eu-DTPA from polarographic 
measurements of the degree of exchange between Eu-DTPA and EDTA. according 
to the reaction: 


EuA? BY | EuB 


(24) 


[E uA?-][B*} 
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where [A®-] = the pentavalent DTPA anion and [B*~] — the tetravalent EDTA 
anion. 


he Eu(IIl) system is especially suited for this purpose, since the polarographic 
reduction of Eu(IIl) to Eu(H) produces a well-developed wave in KCI solution 
Half-wave (£,,.) potentials for Eu(I1) in 0-1 M KCI in the presence of EDTA and 
DTPA at pH values of about 4-4—4-7 are listed below: 


Eu(I) E,/2 = —0-73 V (SCE) 
Eu(III)-EDTA E, » 1-12 V (SCE) 
E, , 1-38 V (SCE) 


It is seen that the E,,. for Eu-DTPA is about 260 mV more negative than that for 
Eu-EDTA. This spread in potential is sufficient so that polarographic reduction of 


15) 
| 
Lo Ce Pr Nd Eu Gd Tb Dy Yb 
Sm Er 


Log Kra vs. I/(ionic radius). Variation of rare earth chelate formation constants of 
DTPA, HEDTA, and EDTA with the ionic radius 


mixtures of Eu-DTPA and Eu-EDTA gives two well-defined waves, the separate 
heights of which are proportional to the concentration of each of the two chelate forms 

Polarographic measurements were made at a PH of 4-64 on a solution 1-304 
10-* M in Eu(Ill), 5-525 10-* M in DTPA, 2-036 10-* M in EDTA, and 0-1 M 
in KCI, 

Under these conditions the concentration of free Eu(II) ions may be considered 
negligible. Hence the determination of the limiting currents for both waves allows 
the calculation of the Eu-EDTA and Eu-DTPA concentrations, and the concentra- 
tions of (B*-) and (A°) may be calculated from the known total concentrations of the 


/ TPA 
4 
Lat 
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4 


208 R. Harper and S. CHABEREK 


ligands and the corresponding acid dissociation constants of EDTA“” and DTPA.“® 
From these data, Kx = Kyyy/Ky,, = 10-°™ and using ScHwARZENBACH’S"” value 
for Kyyy of 10° Ky... — 10°% It is seen that this value is in exceptionally good 
agreement with the value of 10°?! obtained from potentiometric exchange data. This 
correspondence thus substantiates the order of magnitude for the R-DTPA series. 

Equilibrium data for the R-DTPA systems are listed and compared to those 


for R-EDTA and R-HEDTA in Table 3. Plots of log Ky,, values as a function of 


the reciprocal of the ionic radius are shown in | ig. 2. It is seen that of these three 
ligands only EDTA exhibits an essentially linear relation between the binding tendency 
of the rare earths and the ionic radius of the metal. Contrary to the EDTA behaviour 
is the pronounced flattening of the HEDTA series between Eu-Sm and Tm-Er. 
However, the most striking aspect of the DTPA data is the fact that the maximum 
in the stability series occurs with Dy(III) and not with the expected Yb(III). This 
reversal has not been observed with other ligands which have been investigated. 
Present data are insufficient to explain the reason for this anomaly. It is interesting 
to note, however, that the maximum in the stability of the rare earth-DTPA chelates 
with Dy(III) also corresponds to the maximum in the magnetic susceptibilities of 
the rare earth ions, Dy(IIL) along with Ho(II1) being the most strongly paramagnetic. 
The ligand also differs structurally from EDTA in two respects. The DTPA anion 
(A°*”) has a greater negative charge than the corresponding EDTA ion, (At). Also 
DTPA is a potential octadentate ligand compared to the potentially hexadentate 
EDTA. Thus part of the enhanced stability may be associated to a greater polarization 
of the lanthanon ionic field by the surrounding ligand, as has been postulated for 
the EDTA complexes by MOELLER and BRANTLEY.‘ 

The anomalous behaviour of DTPA with the rare earths may be the result of a 
change in the co-ordination requirements for the ions within this series. It is interesting, 
in this respect, to compare the magnitudes of the differences in the log Ky, values 
(Alog Ky.) for the corresponding DTPA and EDTA chelates. It is seen that, with 
the exception of the La(III) chelates, the magnitudes of A log Ay, are comparable 
for Pr(Ill) through Gd(III) (5-45 — 5-70 units) and decrease for Tb(III) and 
(5-28 and 5-16, respectively). However, sharp decreases are observed for Er(III), 
Fm(fIl), and Yb(IIT) (4-33, 3-65, 3-50), Thus, the unusually high stabilities of the 
light rare earths, compared to the heavier ions, may be related to their tendencies to 
utilize a greater number of the donor sites of DTPA. For the metal ions heavier than 
Dy(III), the decrease in the ionic radii resulting from the lanthanide contraction 
should favour the co-ordination of fewer donor sites on steric grounds, than in the case 
of the light rare earths. It is not possible, of course, to define more closely the nature 
of these structural changes on the basis of these data alone. 

The stability of Y(III)-DTPA chelate relative to other rare earth chelates differs 
from that of the corresponding EDTA complexes. While Y(III) falls between 
Dy(IIl) and Tb(III1) with EDTA, it is displaced in the presence of both DTPA and 
HEDTA toward the light rare earths, between Sm(III) and Nd(IIl) for the former 
ligand and between Pr(III) and Nd(III) for the triacetic acid. DTPA should be an 


G. SCHWARZENBACH and H. ACKERMANN, Helv. Chim. Acta 31, 1029 (1948). 

8) A. E. Frost, Nature. Lond. 178, 322 (1956) 

* G. SCHWARZENBACH, R. Gut and G. ANDEREGG, Helv. Chim. Acta 37, 937 (1954) 
! Tr. Moeccer and J. C. BRANTLEY. J. Amer. Chem. Sox 72. 5447 (1950) 
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especially important eluant for Y(II1) separation from mixtures containing Dy(II1), 
and Er(111). 
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Abstract—The interaction of Fe(I1) and Fe(III) ions with diethylenetriaminepentaacetic acid (DTPA) 


has been investigated by pH titration and redox titration measurements. The co-ordination of 


Fe(III) ions with this synthetic amino acid results in the formation of the following chelate species 
Fe(IIl)}-HDTPA, Fe(III)}(OH)DTPA. Similarly Fe(II)-DTPA exists in solution in 
the form of a Fe(II)}-DTPA, Fe(II)}-HDTPA, Fe(II)(OH)DTPA and Fe(il)}(OH),DTPA Equili- 


brium constants governing the existence of the various chelate forms have been calculated and 


probable chelate structures have been formulated on the basis of these quantitative data 


ALTHOUGH investigations concerning the interaction of diethylenetriaminepentaacetic 
acid (DTPA, formula I) with alkaline earth ions.” divalent heavy metal ions”) and 
rare earth ions have been described. no data concerning ferric ion complexing with 


this ligand has been reported. 


HOOCCH, CH,COO 


H 
H—N*—CH,CH,—N—CH,CH,—N—H 


OOCCH, CH,COO CH,COOH 


Since iron complexes of DTPA have been investigated as a source of iron for the 
treatment of iron chlorosis in agriculture, it was considered desirable to investigate 
the Fe(II) and Fe(II) chelating tendencies of this ligand and to compare them with 
those of the structurally similar ethylenediaminetetraacetic acid. 


EXPERIMENTAI 
Materials 


The diethylenetriaminepentaacetic acid sample was prepared in these laboratories. The purity 


was found to be 981 per cent by potentiometric titration A stock solution (4 10°-* M) was 


prepared containing sufficient potassium nitrate so that the ionic strength was 0-1 


A ferric nitrate solution was prepared by dissolving a weighed piece of Baker Standardization 
Grade iron wire (99°85 per cent minimum purity) in an excess of warm | M nitric acid and making 


ip to volume. The free nitric acid was determined by the addition of a known excess of disodium 


dihydrogen ethylenediaminetetraacetate (Na.H,. EDTA) to an aliquot of the ferric nitrate solution 


and subsequent titration for total acidity to a pH of 45 The free acid is the 


total acid titrated and the hydrogen ions [2H Fe Ilt)) released by Na,H EDTA in chelating the 
ferric ion he final experimental solution was 3-316 10°-* M in Fe(Ill) and 27-618 10°* M in 
free HNO 


lifference between the 


H. G. Pincuine and F. Butter, Abstracts, 122nd National Meeting of the American Chemical 
Societ Atlantic City, N. J.. Sept. 14-19 (1 5?) 
S. CHABEREK 4. E. Frost. M. A. Dora ind N. J. J. nore. Nucl. Chen 11. 184 (1959) 
Technical Bullet Cc} 33 I Geigy Chemical Corp 
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A sample of ferrous ammonium sulphate (Baker Reagent grade) was used without further 
purification. A permanganate titration gave a Fe(1l) value of 14:1 per cent (14°14 per cent calculated) 
and no detectable (Felll) was present in the sample 


Experimental procedures 


All titration data were obtained at 25 0-02 C on solutions in which the ionic strength was 
pyrogallol- 
purified nitrogen was passed through the solutions to maintain an inert atmosphere free of oxygen 


maintained as closely as possible at 0-1 by the addition of potassium 1 ite. A stream of 


and carbon dioxide. Determinations of pH were made with a Beckman Model G pH meter. The 


glass electrode was calibrated to correspond to hydrogen ion concentrations by determining the pH 
meter readings of solutions of nitric acid, acetic acid. and potassium hydrox it known hydrogen 
mn concentrations 
The following cell was used to determine the redox behaviour of the Fe(Il)-Fe(lll)}-DTPA 
Pt Fe AH.(OH) AH (OH) Sat. KNO, KCI (Sat.), HeCl, He 


When redox titrations were performed, ferric nitrate solution and a 5 1S M excess of DTPA were 
introduced into the cell. The solution was thoroughly degassed with N. for 20 min Then the ferrous 
ammonium sulphate [exactly equivalent amount to the Fe(NO,),] was introduced and the run vas 
Started as soon as the ferrous salt was dissolved. Additions of molar KOH vere made to the Fe(II) 


Fe(III}-DTPA solution and then pH and potential of the platinum electrode were measured after 


each addition Representative data are plotted in Fig. 2 


RESULTS 
Stoicheiometry of the iron-DTPA chelates 


litration curves of DTPA in the absence and in the presence of equimolar amounts 
of Fe(II) or Fe(1l) ions are shown in Fig. |. The ordinate, pH, represents pH 
expressed in concentration terms, while the abscissa, a, denotes the number of moles 
of standard base added per mole of amino acid 


pH Titration curves 
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Fe(III)}-DTPA pH titration. The interaction of Fe(II) ions with the amino acid 
results in a strong release of hydrogen ions and a Steep inflexion occurs at an a value 
of 5. Hence the primary reaction involves the formation of a normal | : 1 ferric 


chelate according to the reaction 
H.A Fe? SOH > FeA* SH,O 


where H.A denotes the free amino acid 
Further reaction with hydroxyl ions beyond a 5 is indicated by the displacement 
of the high pH buffer region of amino acid to lower pH values in the presence of 
Fe(III). This step probably involves the formation of a monohydroxo chelate. 
FeAOQH® 
FeA- OH > FeAOH* 


Since DTPA has eight electron donating groups in its structure, then even the 
saturation of the six co-ordination sites of the Fe(II) ion leaves residual basic groups 
which can bind hydrogen ions. It is conceivable, therefore, that ferric hydrogen 
complexes may also be formed in the acid pH range 

\ closer examination of an enlarged pH-—a plot between zero and five equivalents 
of base shows a change in the slope of the titration curve between a values of four 
and five. This change is probably associated with the formation of a monohydrogen 


ferric chelate, (FeHA~). according to the reaction 
re H.A >» FeHA 4H,O 


Since a true inflection at a = 4 is absent, this reaction step overlaps strongly that 
involving the formation of (FeA*~) and therefore. both species exist in equilibrium 
with each other in the pH range of 2-5 to about 4-5 

Further evidence for the existence of the monohydrogen chelate may be obtained 
by comparing the relative positions of the experimental Fe(III)}-DTPA curve with a 
theoretical plot calculated on the assumption of no intermediate hydrogen complex 
formation. This curve (dashed line, Fig. 1) defines the pH-a relationship for the 
titration of (FeA*~) (inflexion at a 5) with standard acid, if no consumption of 
hydrogen ions occurred. It is seen that at any constant a value, the actual hydrogen 
ion concentration is considerably less than that added. Since the dissociation of 
(FeA*~) is negligible in this pH range the depletion of protons must be due to the 
formation of (FeHA~). 

Fe(1l)-DTPA pH titration. The | : | titration curve of Fe(Il) and DTPA is an 
excellent example of a clear-cut stepwise formation of a monohydrogen and a normal 


| : | ferrous chelate according to the reactions: 
Fe’ H.A 4OH > FeHA* 4H,O 
FeHA- OH >» H,O 


Further consumption of two additional moles of base, evidenced by a weak inflexion 
at an a value of seven, corresponds to the formation of ferrous mono- and dihydroxo 
chelates in a single step: 

OH >» FeAOH! 
OH - >» FeA(OH),” 
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Redox measurements. The oxidation reaction may be defined by reactions (a) or 


(b), depending upon whether hydrogen or hydroxo chelates are formed 


pH 2-7 


> Fe"’ \H 


pH 


Fe''A(OH) (p — q)H » Fe’ A(OH) +e (b) 


The general equations defining the electrode potential, E. for (a) and (b) are given 
by (1) and (2) 


0-059 log m) pH (1) 
(Fe''AH 


ACOH) 
(Fe'' ACOH) ) 


} I 0-059 log 


0-OS9l Pp) pH (>) 


where EF denotes the standard potentials for the above reactions 


Fic. 2 Redox-potentials of the Fe(II1)-Fe(I1)-DTPA systems 


Since equimolar amounts of Fe(I]) and Fe(II) ions were introduced. then the 


second terms on the right hand side of the equations (1) and (2) become zero or 


essentially zero, if a single Fe(II) and Fe(II) chelate species predominate in solution 


It is apparent, therefore, that the slope of the E vs. pH plot should provide additional 


information regarding the combining ratios of the metal and ligand 


Ecen-pH data are shown in Fig. 2 (Eee denotes the measured cell potentials) 
It is seen that the potential is independent of the hydrogen ion concentration between 


Fe''AH (n myH (a) 
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pH values of 6 and 8-5. Since this pH interval corresponds to the steep inflexion 
region of the pH titration curves, the simplest electrode reaction consistent with both 


sets of data is (c): 


Fe''A3 > e (c) 


where Fe'! and Fe''' represent ferrous and ferric ions, respectively. 
Che Eceu-pH plot becomes pH dependent at pH values less than 6 and exceeding 
8-5. In the pH region of about 4-5, for example the slope has a value of about 40 mV 


pH, corresponding to an (n — m) of +1. Hence the Fe(II) chelate has one more 
associated hydrogen than does Fe(III)-DTPA. Potentiometric pH data, however, 


indicate the presence of the Fe(II) monohydrogen chelate, (FeHA2-), as the pre- 


dominating specie in this pH interval. Consequently the most probable electrode 


reaction is given by (d) 


Fe''HA? —> A? H e (d) 


At a pH of about 2, the slope increases to 190 mV PH and (n m) 3. Since 
the primary Fe(II1) chelate form is probably (f e'''HA~), and since it is highly improb- 


able that a tetrahydrogen Fe(Il) chelate exists, the probable reaction involves the 


dissociated Fe(I1) ions according to (e). 
H,A > Fe''HA 3H e (e) 


[he pH interval of about 2-5-4 is characterized by a continually changing slope, 


and the potential is governed by a number of competing and overlapping reactions 
which involve Fe(II), (Fe''HA?-), (Fe'''HA~), and (Fe!!A2-). 

In the pH range exceeding 8-5, the constantly changing E,e./pH values are again 
characteristic of electrode behaviour in the presence of strongly competing reactions. 
Potentiometric data indicate an equilibrium involving primarily (Fe'''AOH)* 
(Fe''AOH)*, and (Fe''A(OH),°-). An approximate slope of about 60 mV at a pH 
of 10-5-11 is further evidence for the existence of the monohydroxo ferric- and 


dihydroxo ferrous chelate species: 

Fe''A(OH),° H —» Fe'''A(OH)® H,O +e (f) 
On the basis of pH and redox measurements. therefore. the following chelate forms 
have been postulated for Fe(II) and Fe(IIl)-DTPA: 


Approx 


Formula 
pH range 


FeHA FeA 2 $_8-5 
FeAOH? 


Fe(Il)}-DTPA FeHA 3-45 
FeA 4.5-8-0 
FeAOH* , FeA(OH), 8.5 


DETERMINATION OF EQUILIBRIUM CONSTANTS 


Since it is expected on the basis of the structure of DTPA that its normal | : 1 
chelate formation constant would exceed 1025, its direct determination is not possible 
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from the pH data. Consequently the following sequence of calculations were used 
for its determination: (1) the equilibrium constants defining the formation of the 


hydrogen and hydroxo metal chelates; (2) the | : | formation constant for the normal 
Fe(Il)-DTPA species, (Fe''A*-): (3) the ratio of the formation constants for the | : | 
Fe(Il) and Fe(II) chelate, (Fe'''A?-) and (Fe!'A*>), 

Values of the DTPA acid dissociation constants defined by equations (3)-(7), and 
used in this investigation, are those reported by Frost. 


) 
H.A « ~ H,A H k, pk, 1-79 (3) 


(H*)(H,A® ) 
H,A- H,A*- + H — 


pks 2-56 (4) 
(H,A) 


pk. = 4-42 (5) 
(H,A*") 


H,A* + H ky 


) 
(H,A*) 

(HA*) 


+ H pky—876 (6) 


pk, 10-42 (7) 


Let us now describe the interaction of Fe(ILIl) or Fe(Il) with DTPA by the 


following sets of reactions: 


Fe(III}-DTPA 


(FeA*~) 
Fe? + A> = 


(3) 


(FeHA ) 


(9) 


FeA?- + OH- K, (10) 
(FeA? (OH ) 


Fe(Il)-DTPA 


(Fe 
(Fe- 


+ A> Fea? Ky’ 


(FeHA*) 
FeA® H* < FeHA* K, (12) 
(FeA® 


Ke 


(FeAOH*) 
FeA® OH~- <—— FeAOH~* 


(FeA® 


(13) 


A 


FeAOH* + FeA(OH),° : 


(14) 
(FeAOH* 
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In spite of the obvious complexity of these metal ligand systems, the fact that 
steep inflexions are observed for the | : | titration curves allows several simplifying 
assumptions: (1) at the inflexion pH, the predominating iron chelate species are 
(FeA*-) and (FeA*-): and (2) in the pH interval below the inflexion pH, the 
concentrations of the hydroxo chelates are negligible compared to the higher hydrogen 
chelate forms, while at higher pH values, the hydrogen-containing species are 
negligible compared to the hy droxo-containing chelates. 


Calculation of hydrogen- and hydroxo-chelate formation constants 

Ihe values of K,", K,", Ky", K,° and K,° were calculated by the modified Bjerrum 
method outlined by CHABEREK ef al. Hydrogen or hydroxyl ions are considered 
ligands which react with either (FeA*-) or (FeA2~). Thus the inflexion pH values may 
be considered the Starting points for titrations with either standard acid or base. and 
the difference between the amounts of these ligands added and the measured solution 
pH (or pOH) corresponds to the degree of ligand binding. The latter quantity is 
simply related to the Bjerrum function 7, from a plot of which, versus pH (or pOH) 
the value of the constants may be determined. When two reaction Steps overlap, as 
in the case of the Fe(II) mono- and dihydroxo chelates, the initial values were 


corrected by the approximation method outlined by CARLSON ef a/.") The results of 


these calculations are listed in Table ? 


Calculation of 

[he value of K," was calculated algebraically from pH titration data for the | : | 
Fe(II)}-DTPA system. The titration process was considered, for purpose of simplicity 
and clarity, as one involving the reaction of hydrogen ions with the (FeA*~) chelate 
species. If C, and Cy, denote the total concentrations of the amino acid and Fe(Il) 
ions, and Cy, represents the concentration of standard acid added at any point along 
the low pH buffer region of the | : 1 Fe(II)-DTPA curve. then the following equations 
are valid in this interval, in addition to equations (3)-(7), (11) and (12): 


C, = (FeA*-) + (FeHA?-) + (15) 


Cy (Fe*~) + (FeHA?-) (FeA*) (16) 


Cc. (H~) (FeAH?>) (17) 


and 


kok ak jk. kjk. k. 
Equations (15) and (17) may now be expressed in terms of two unknown quantities, 


(A°~) and (FeA*-) by the elimination of (FeHA?2~) with the aid of ( 12): 


C, = d(FeA*) + a(A*) (15a) 
Cy, — = HA’) (17a) 
where = K,'(H~) | and 6 — K,"(H*). 
S. CHABEREK, R. C. CourtNey and A. E. MARTELL. J. Amer. Chem. Soc 75, 2185 (1953) 


G. A. Carson, J. P. MCREYNoLDs and F. H. Vernorx. J. Amer Chem. Soc. 67, 1334 (1945), 
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Solution of (15a) and (17a) for either [A®] or [FeA* ] allows the calculation of the 
three concentration terms of equation (11) defining K, 


Calculation of K,° from redox methods 


Values of K,° were calculated from redox data taken at pH values of 6-8, 4-5 


and 2-0. The following considerations, outlined for measurements in the 6-8 pH 


range, serve as models for similar calculations at other pH levels 


lhe electrode reaction at pH 6 corresponds to reaction (c), and the potential of 
the Pt electrode, E., for (c) is defined by (18) 
Fe'A3 > e (c) 
A?) 
E E 0-059 log T (18) 
(Fe"A*-) 


where E corresponds to the standard potential for (c) 


lhe equation for the ferrous—ferric couple is defined by (2), the standard potential, 
E, . of which is taken as —0-750 V (N.H_E.).“ 


Fe'! > Fe!!! e (2) 


Now if (g) is subtracted from (c), 


> Fe’ A* (h) 
the standard potential, E,°, for which is given by (19) 
0-059 loge 0-059 log (19) 
(Fe" A*-)(Fe!"') A, 
Since E, E E (20) 


it follows that I I 0-059 log (21) 


Hence, the calculation of K,° requires only the determination of E.°, since A,’ and E.° 
are known. The former value may be calculated with the aid of (18) 
The measured cell potential Ee, is related to E, by (22) 

= E Escy (22) 
and E.,, is the potential of the saturated calomel reference electrode ha\ ing a value 
of +0-250 V (N.H.E.). Furthermore, since in this instance the equimolar amounts 
of Fe(II) and Fe(III) ions introduced into the system are present as (Fe!!! A?-) and 
(Fe'' A®-), the second term of (18) becomes zero and F i 

Similar calculations were made from redox data at pH values of 4-5 and 2-0, 


The equations for these conditions are tabulated below 


pH 4-5 


Electrode reaction 


Fe'' HA? A? 


H 


(Fe''A2-) 
E 0-059 log 


0-059 pH (23) 
(Fe HA®*) 


K 
0-059 log 


Ww M.S. Sueritt and S. B. Sweerser, J. Amer. Chem. Soc. 39. 2360 (1937) 
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pH 2:0 

Electrode reaction 
HA 3H e (e) 


0-059 log = 
E 0-059 log A, Kk A (26) 


At a pH 2, the ferrous chelate is not completely dissociated. Since previously 


0-177 pH (25) 


calculated Bjerrum formation data indicated approximately 80 per cent dissociation, 
the contribution of the second right hand term of equation (25) was taken into account 
in calculating 

Results of the calculations are listed in Table | 


TABLE | K, FROM REDOX DATA 


pH 


Equation Constants used E. (V) (NHE) log K, 


0-404 
0-350 
0-034 


DISCUSSION 


Fe(II1)-DTPA forms in aqueous solution three chelate species. In the pH range 
of about two to seven, a monohydrogen ferric chelate, (Fe HA~) exists in equilibrium 
with a normal | : | form, (FeA*>), while at pH values greater than seven, the latter 
is converted to the monohydroxo chelate, (FeAOH*>), Similarly the interaction of 
Fe(Il) ions with this amino acid results in the formation of (FeH A) and (FeA*-) ina 
distinct two step process, the second reaction step of which is complete at a pH of 
about seven. Further interaction of base at higher pH levels results in the formation 
of mono- and dihydroxo chelates (FeAOH*-) and (Fe \(OH),”>). 

Formation constants for Fe(I[l)- and Fe(II)-DTPA are compared with the 
corresponding ethylenediaminetetraacetate (EDTA) chelates jn Table 2. 

If EDTA functions as a sexadentate ligand, combination with Fe(II) ions would 
involve all six donor groups. In the case of DTPA. however, a number of arrange- 
ments utilizing six donor groups are possible. | xamples are shown by formulas Ha 
and IIb. Hence, part of the A log K,° increase of 3-5 units between the Fe(III)}-DTPA 
and EDTA chelates is a result of statistical considerations arising from the increased 
polydentate nature of DTPA over EDTA. The difference in the ligand basicities of 
DTPA and EDTA constitutes a second and more important factor in the observed 
A log K,° increase. A comparison of the magnitudes of pk, + pk, for DTPA with 
pk, + pk, for EDTA indicates that the former ligand is more basic by 2-75 pk units 
lhis increased basicity would also be reflected in an increase of K,°. It should be 
pointed out that these arguments have been based on the assumption that these ligands 


interact with the six co-ordination positions of the Fe(II) ion. The definite chelate 


G. SCHWARZENBACH and J. HeLter. Helv. Chim icta 34, 576 (1951). 
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structure cannot, of course, be deduced on the basis of these data However, the 
qualitative description of the relative Fe(II) binding affinities by EDTA and DTPA 
discussed above is also valid even if the number of electron donor atoms involved in 


complex formation is not six, but for example, five 


TABLE 2.-FORMATION CONSTANTS FOR THE Fe(t) AND 
Fe(tt) CHELATES OF DPTA AND EDTA 


Reaction DTPA EDTA* 


Acid dissociation constants 


Fel! FellA log A 
Fel'A -+ Fe'HA log K 56 

OH -+ Fe'AOH log K 412 6-45 
Fe"! AOH OH A(OH) log K, 453 


Fe! FelA log K 16°5 14-26 
FelHA log 5-30 2-75 
Fe'A OH Fe“AOH log K 5-01 4-87 
Fe" AOH OH_ + Fe A(OH) log 4-37 410 


Reference 9 


Reference 5 


It is also interesting to note that, contrary to the behaviour of EDTA, a stable 
hydrogen-containing ferric chelate is formed with DTPA. This hydrogen may be 


associated either with an unco-ordinated carboxylate group or with a terminal amino- 
nitrogen corresponding to formulae Ila and IIIb. In general the magnitude of the 
formation constant, K,”, defining the hydrogen association step sheds some light on 


the position of the proton within the chelate structure. In so far as data are available 


it has been shown that the association step of a proton to a free carboxylate group of a 


metal chelate is comparable in magnitude to a corresponding COO- —H* association of 


the unchelated ligand. Consequently, on this basis it would be expected that log K, 
should be about 2-6-3-0, when it is actually about 3-6. While this difference between 
the expected and actual K,’ s is not as great as may be expected, it is sufficiently great 


4 
q 
a 
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so that (IIIb) cannot be discounted as a possible structure. The association of the 
hydrogen ion on a nitrogen atom in [MHA? |] complexes of divalent transition metals 
and DTPA has been discussed recently by CHABEREK et a/.) In this case. however. 
the log K values corresponding to K,” were considerably greater [4-17~5-67 depending 
upon M(II)]. However, in the case of the Fe(III) chelate a lower log K may be 
anticipated from charge density considerations. Fe(III) ions would be expected to 
exert a greater polarization effect by virtue of its greater charge and smaller ionic 
radius, and consequently the hydrogen Fe(III)-DTPA should be a somewhat stronger 
acid compared to a similar divalent metal complex 

\ comparison of the log K,° values of Fe(III)-EDTA and Fe(III)}-DTPA shows 
the latter to be greater by 2-33 units. If the reactions defined by A, are considered 
as the co-ordination of a OH™ ion with the normal chelates FeA. then, on the basis of 
these data, it follows that the affinity of Fe(II1)}-EDTA for hydroxylions is considerably 
greater than that of Fe(III)}-DTPA. Several reasons for this difference in behaviour 


may be advanced. First. since the process would involve the combination of two 


negative ions, it follows that electrical repulsive forces should be greater for the 
divalent Fe(III)}-DTPA ion than for the monovalent Fe(III)}-EDTA. A second 
possibility involves the relative number of available co-ordination sites available 
for the hydroxyl ion. Other factors being equal, it follows that the introduction of 
OH~ should be easier if a prior (or simultaneous) rupture of a M—OOC bond is 
not required. Consider for example the relative magnitudes of K,° for Fe(II) 

DTPA and K, for Fe(III)}-EDTA. The reaction involves the introduction of hydroxyl 
ion to ions of like charge, FeA*--(DTPA) and FeAOH2-(EDTA). In the case of the 
EDTA complex it is immaterial whether this ligand donates five or six donor groups 
to Fe(III) in the formation of the corresponding normal complex FeA In the 
reaction defined by K,° the introduction of the second hydroxyl ion must involve the 
breaking of a metal-carboxylate bond. The correspondence in magnitude of K,° for 
DTPA and K,° raises the speculation that possibly the normal Fe(III)-DTPA form. 
FeA>-. is effectively sexadentate and that the corresponding Fe(III1)-EDTA is 
pentadentate. Even if both chelates are actually pentadentate, then the data suggest 
steric involvement of the additional donor groups of DTPA in some way sO as to 
shield the co-ordinated solvent water molecule which would be required to completely 
fill the six co-ordination positions of the Fe(III) ion. 
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Reaction of Fe(II) ions with this amino acid results in the formation of mono- 
hydrogen, normal, mono- and dihydroxo Fe(II) chelates. A comparison of the 
relative K,’ values for Fe(II)-DTPA and Fe(II)-EDTA show a smaller difference than 
that observed for the corresponding Fe(III) chelates. Probabls more important. 


however, are the magnitudes of the formation constants related to the hydrogen and 


hydroxo chelates. It is seen that K,", for example, is considerably greater than the 
corresponding constant defining the association of a hydrogen to Fe(II)-EDTA 

Since the latter system definitely involves a proton association to the carboxylate 
group, then the ligand in (FeHA~) functions as a pentadentate chelating agent 
Furthermore, K," for the hydrogen Fe(II)-EDTA chelate is similar in magnitude to 
I/k, for EDTA. Hence the relatively great K," value for the DTPA system suggests 
that the spatial configuration of (FeHA®>) is (IIIb). where the iydrogen is bound to a 
terminal nitrogen. Also the correspondence of K," and K," values Suggest that 
factors involved in the formation of the Fe(II) hydroxo chelates are similar for 
both ligands. 
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Abstract—The interaction of Fe(Il) and Fe(III) ions with N-hydroxyethylethylenediaminetriacetic 


acid (HEDTA) was investigated by pH and redox potential titrations. and by polarographic and 


spectrophotometric measurements. Correlation of these data indicates that the first reaction step of 


this no acid with Fe(III) ions involves the formation of a 1 : 1 metal chelate and the simultaneous 


iberation of the ethanolic hydrogen of the ligand At higher pH values this species interacts 


with hydroxyl ions to form mono- and di-hydroxo chelates. The combination of Fe(I1) and HEDTA 


results in the formation of a 1 : 1 metal chelate, as well as mono- and di-hydroxo chelates. | quilibrium 


constants governing the existence of these chelate species have been calculated from the exper imental 


data 


DURING recent years N-hydroxyethylethylenediaminetriacetic acid (HEDTA, formula 


1) has become an increasingly important industrial chelating agent. This amino acid 


is structurally similar to ethylenediaminetetraacetic acid (EDTA, formula II) the 


metal chelating 


HOCH,CH, CH,COOH HOOCCH, CH,COO 


H—N—CH,CH,—N—H H—N—CH,CH,—N—H 


OOCCH, CH,COO OOCCH, CH,COOH 


HEDTA EDTA Il 


properties of which have been extensively studied by many investigators. Detailed 


studies concerning the chemistry of metal-HEDTA complexes have been limited to 
1.2 


a description of some divalent heavy metal and rare earth ligand systems. 


One of the more important differences between the behaviour of HEDTA and 
EDTA is the more efficient chelation of Fe(III) ions at higher pH values by the 
former ligand. This property has been the basis for a variety of industrial applications 


for this amino acid 
In spite of the importance of the Fe(III)}HEDTA system little quantitative 


information concerning its aqueous equilibria is available. CHABEREK® reported, 


on the basis of limited potentiometric studies, the formation of a ferric monohydroxo 


chelate species and estimated the magnitude of the Fe(II1)—chelate formation constant 


to be lO". It was considered desirable, therefore, to make a detailed study of the 
Fe(III}-HEDTA system to determine both the composition of the chelate species and 


CHABEREK, Jr. and A. E. Martett, J. Amer. Chem. Soc. 77, 1477 (1955) 
H. Speppina, J. E. Pows d E. J. WHee_wricurt, J. Amer. Chem. Soc. 78, 34 (1956) 
( HAREREK Ir ind |} ( BERSWORTH. Science 118, 280 (1953) 
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the various equilibrium constants which govern their existence in solution. A com- 
parison of these equilibrium data with that already reported by SCHWARZENBACH™ 
and for the Structurally similar Fe(III)-EDTA system should prove 
helpful in correlating the effects of ligand structure upon the chelating characteristics 
with Fe(III) ions. 


EXPERIMENTAI 


Materials 


N-Hydroxyethyl-ethylenediaminetriacetic acid. The amino acid sample used in this investigation 
was found to be 97-4 0-2 per cent pure by potentiometric titration. Of the residual 2-6 per cent, 
the moisture content was 0-6 per cent. Standard solutions of HEDTA were prepared from weighed 
by samples dissolution in 0-1 M KNO, solution 


Standard ferri¢ nitrate solution A stock solution of Fe(NO ly Was prepared by dissolving a 


weighed sample of Baker Standardized Grade iron wire (99-85 per cent min purity) in a threefold 
molar excess of warm HNO, (1 M) The free HNO, was determined by add ng a known excess of 
disodium dihydrogen ethylenediaminetetraacetate (Na,H,EDTA) to an quot of the Fe(NO,) 
solution and titrating the resulting solution potentiometrically for total acidity to a pH of 4:5. The 
free acid content corresponds to the difference between the total acidity and the [H*] released due to 
the chelating of Fe(III) by the Na,H,EDTA [2H*/Fe(II1)]. The final cor centrations were approxi- 


mately 2 10-* M in Fe(III) and approximately 3-7 10-? M in excess [H 
PP 


Ferrous ammonium sulphate. Weighed samples of Baker's Reagent Grade ferrous ammonium 


sulphate hexahydrate were used as a source of Fe(II) ions. The ferrous content. determined by 


titration with dichromate corresponded closely with the theoretical value (Found: Fe 14-1. Cale 
14:24°.) and the reduction of a second sample with stannous chloride { wed by titration with 
dichromate gave values corresponding within experimental error to those obtained previously 

Potassium hydroxide. KOH solutions having molarities of 0-1, 0-5 ar 1-0 were prepared from 
CO, free Acculute potassium hydroxide (Anachemia Chemicals Limited) Each solution was 


standardized against Merck Primary Standard Grade Potassium Acid Phthalate (99-9 yer Cent pure) 
S d 


Procedure 


PH Titrations. All titrations were performed at 25 0-02 C in solutions the ionic Strength of 
which was maintained as closely as possible at 0-1 with KNO,. Standard CO,-free K¢ JH was employed 
as titrant and solution pH was measured with a glass-saturated calomel! electrode system and a 
Beckman Model G pH meter. This electrode system was calibrated to read ilrogen 10n concentra- 
tion (pH.) by comparing the meter readings (pH,) with known hydroge on concentrations at 
various pH values. The systems used were HNO. in the pH range 2:2-3-0; acetic acid in the pH 
range 3-7-5-0; and KOH in the pH range above 10-5 


rhe actual titrations were carried out as follows: After the desired components were transferred 


into the cell and the volume brought to about 100 ml. the solution was outgassed for 15 min with 
nitrogen. Measurements of the solution PH as a function of the volume of standard KOH added were 
then initiated Nitrogen was bubbled slowly through the solution * the entire titration 
Equilibrium values of pH were obtained rapidly in all runs. For the ferrous titrat on, all components 
excepting the Fe(II) were added and the solution was degassed A weighed sample of ferrous 
ammonium sulphate was then added quickly through one of the flask necks and the flask was again 
stoppered to exclude oxy gen and minimize the possibility of oxidation of Fe(Il) to Fe(IID 

Redox potential titrations. These measurements were made in an air-t t magnetically stirred 
cell containing Beckman glass and calomel electrodes, a Beckman calon electrode with KNO 
bridge, Beckman platinum electrode. a micro-burette delivery tip and g t tube. Solution pH 
was measured with the glass and calomel electrodes in conjunction tf i Model G pH meter 
calibrated in terms of hydrogen ion concentration as described in the previous section. The redox 
potentials were measured across the platinum and the calomel (with salt brid *¢) electrodes by means 
of a Leeds and Northrup Type K potentiometer. One molar potass ydroxide was used in 
adjusting pH and nitrogen gas was continually introduced through the gas inlet 
" G. SCHWARZENBACH and J Heiter, Chim. Acta 31, 339 (1948) 


I. M. Kouruorr and ¢ AUERBACH, J. Amer. Chem. So 74, 1452 (1952) 
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Polarographic studies. A\\ polarographic measurements were made with a Leeds and Northrup 
Electrochemograph Model E in conjunction with an auxiliary slow polarizing unit which allowed 
the expansion of the potential scale by a factor of four or ten. The slow polarizing unit was used in 
such a manner that the actual polarizing voltage applied to the dropping mercury electrode could be 
checked by means of a Leeds and Northrup Type K Potentiometer. The relationship between the 
polarizing voltage and the chart record was also obtained, so that the chart reading was known to 

1 mV. The chart record of current was found to agree to about — 0-2 divisions (the chart is ruled 
in 100 divisions) 

rhe polarographic cell consisted of a multi-necked, 200 ml glass flask containing Beckman glass 
and calomel electrodes, dropping mercury tip, one arm of a salt bridge, nitrogen gas inlet, burette 
delivery tip, and a ground glass sleeve stirring assembly. The cell and reference calomel electrode 
were immersed in a water bath kept at 25 02 ¢ 

Spectrophotometric measurements. All spectrophotometric measurements were carried out on a 
Beckman DK-2 ratio recording spectrophotometer. A series of solutions were prepared in which the 
Fe(IIl) concentration was constant and the pH varied from 0-50 to 2-00. The absorbance of these 


solutions was measured in the wavelength range of 500-340 mw 


STOICHEIOMETRY OF THE IRON-HEDTA CHELATES 


pH Titration data. Titration curves of HEDTA in the absence and in the presence 
of equimolar concentrations of Fe(IIl) or Fe(II) ions are shown in Fig. |. The 


cr 


pr 
4 8 
Q 
Fic. 1 Titration of N-hydroxyethylethylenediaminetriacetic acid 


(HEDTA): A—HEDTA: B—1: 1 Fe(IIl}HEDTA: C—1 : 1 Fe(Il)}-HEDTA 


ordinate represents pH expressed in terms of hydrogen ion concentrations and the 
abscissa, a, denotes the number of moles of standard base added per mole of amino 
acid. 

The | : | Fe(II)}-HEDTA titration curve has two inflexions at a values of 3 and $ 
The first reaction step which is complete at a pH of about 6-5 corresponds to the 
formation of a normal | : | Fe(II) chelate (FeA~) according to reaction (a). 


re H,A + 30H~—> FeA 3H,O (a) 


where H,A represents the free amino acid 
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Further reaction of two additional moles of hydroxide ion with FeA probably 
involves the formation of a mono- and a dihydroxo chelate species as shown by 
reactions (b) and (c). 


+ OH FeAOH® (b) 
FeAOH® + FeA(OH),2 (c) 


Hence solution equilibria in the pH range of 2-7 to 10-5 involves three chelate species, 
(FeA’), (FeAOH®>), and (FeA(OH),* 
In contrast to the behaviour of Fe(I1)-HI DTA, the interaction of equimolar 


amounts of Fe(III) ions and the amino acid results in a titration curve having inflec- 
lions at a values of 4 and about 5-3. Since the amino acid has only three readily 
replaceable acidic groups the first neutralization step, which is complete at a pH of 
about 6°5 (a = 4), may be expressed in terms of two reactions. the first (d) being the 
formation of a “normal” chelate: 


Fe** + + FeA° + 3H,O (d) 


A second Step involves the neutralization of one additional mole of hydrogen ions 
Iwo sources of this additional proton are apparent from a comparison of possible 
Structures III and IV. It is seen that the requirement of the fourth mole of hydroxide 


CHa c< CHe CHe CHe OH 


may be accounted for by the neutralization of the ethanolic proton of the hydroxyethy! 
group and the formation of a five-membered metal-—ethoxide ring, or, by the 
neutralization of a proton from a co-ordinated water molecule and the formation of a 


ferric monohydroxo chelate, (FeAOH~). In any case, the various formation constants 


are independent of the choice between (III) and (IV). ¢ onsequently, for purposes of 


clarity and simplicity we shall tentatively consider the processes as hydroxyl associa- 


tions and that the primary species at a = 4 is the mono-hydroxo chelate, the formation 


of which may be expressed by (e). 


FeA OH FeAOH (e) 


[he reaction of at least one additional mole of base beyond a 4 indicates the 


further formation of di- and possible trihydroxo chelates according to reactions (f) 


and (g). 


FeAOH OH » FeA(OH) (f) 


FeA(OH),?- — FeA(OH), (2) 
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Redox and polarographic data. Redox and polarographic titration data are plotted 
in Fig. 2. The first series of redox measurements (curve [ in Fig. 2) was made with a 
solution of 1-79 M in Fe(III) and Fe(II) and 8-84 M in HEDTA. 
The low pH values were obtained by adding 2 M HNO,. The experimental solution 
corresponding to curve II in Fig. 2 was 1-79 10°? M in Fe(II) and Fe(II) and 
1-51 10-* M in HEDTA. The general characteristics of these curves are consistent 
with the existence of the Fe(II1)- and Fe(III)}-HEDTA species postulated from the pH 


Fic. 2.—Redox titrations of Fe(I1)- Fe(II)-HEDTA 
I—Fe(Il) 1-79 M, HEDTA 8°84 10-* M; 
Fe(II) 1:79 10°-*M, HEDTA M; 
iil 


titration data. It is seen that the electrode potential, E, is pH dependent in the pH 
range investigated. In the pH region between 0-75 and 2-0 the slope of the E-pH 
curve (\E/ ApH) is about --195 mV/pH, corresponding to 3[H*] on the product side 
of electrode reaction (theoretical 177 mV/pH). Hence the primary electrode 


reaction in this pH interval may be expressed by (h), and the electrode potential is 


defined by equation 


Fe FeA 3H (h) 
[FeA ] 


FE I 0-059 log - - 0-059 log ——— + 0-177 pH (1) 
~ ~ [H,A] 


where EF’ represents the standard potential for the electrode reaction. 


Between pH values of 45 and 8-5, AE/ApH is approximately —55 mV. The 


primary electrode reaction involves the monohydroxo Fe(III) chelate and the | : 1 


Fe(II) chelate according to (i): 


» FeAOH H 


[FeAOH 
E I 0-059 log 0-059 pH (2 
~ [FeA-] 


FeA 
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No clear cut pH dependence was noted in the pH range of 2-0-4-5 and at values 


exceeding 8-5. In these pH ranges the electrode potential is governed by a number of 


competing reactions which involve different hydrogen ion dependences. Consequently, 


the slopes should vary with a change in the relative concentrations of the various 
species. Polarographic determinations also indicate an increasing degree of irreversi- 
bility at pH values exceeding 8-5. This effect would tend to increase further the value 
of AF/ ApH. 

\ comparison of curves I and II of Fig. 2 indicate that in the pH range of 0-7 to 
about 4-5, the electrode potential is dependent upon the concentration of HEDTA. 
At constant pH, E is shifted toward more positive values with increasing concentration 
of amino acid. The slope, AF/A log 1/(H,A), at pH 1-5, of —86 mV agrees fairly 
well with the theoretical value of —59 m\ predicted on the basis of reaction (h) and 
equation (1) 

Representative polarographic data are also shown in Fig. 2. It is seen that the pH 
dependence of the polarographic half-wave potentials, / 12» IS identical to that of the 
platinum electrode potentials, E. The slopes of E vs. log i/(i /) were between 0-060 
and 0-080 V per pH unit for pH values as high as 8-5, a good criterion for reversibility 
In addition composite ferric-ferrous polarograms run over the pH range 2-9 were 
smooth waves having £, , values consistent with those for the Fe(II) runs. Such 
behaviour is added evidence for thermodynamic reversibility in this pH interval 


CALCULATION OF EQUILIBRIUM CONST ANTS 


Let H,AOH represent the free acid form of HEDTA,. where the OH represents 
the alcoholic group of the N-substituted —€ H,CH,OH. Then the various equilibrium 
constants for the Fe(IIl}-HEDTA chelates may be defined by equations (3)-(6) 


re FeAOH K, [FeAOH |[AOH* } 
FeAO FeAOH A, [FeAOH’]/[FeAO 
FeAO” OH Fe(AO\OH)? [Fe(AO(OH)* }|/[FeAO [OH 
Fe(AO)OH? + OH = Fe(AO\OH), 
A, [Fe(AOWOH) 
[Fe(AO)OH? (6) 


It is assumed here that the Fe(I11)-chelate form existing at ig. | is that 
shown in formula III involving the ethoxide metal bond h he designation. 
FeAO . corresponds to FeAOH~. used in the preceding qualitative discussions 
[his choice of structure will be outlined in the Discussion 

Similarly, the interactions involving Fe(I1) and HEDTA are defined by equations 
(7)-(9). 

\OH® FeAOH A, {[FeAOH }/[Fe® (7) 
FeAOH <* Fe(AOH)OH? K, [Fe(AOH\OH) }/[FeAOQH (8) 
Fe(AOH\OH/) OH- = A [Fe(AOH \(OH),*} 


Fe( AOH\(OH)," [Fe( AOH (OH)?-fOH-] 
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Acid dissociation constants, defined by equations (10)-(12), were taken from previously 


reported results." 


H,AOH H,AOH K, — — 10-2 (10) 
H,AOH HAOH® K, — [H*][HAOH®-]/[H,AOH ] = 10" (11) 
HAOH?- AOH® K, — ] — 


Calculation of Ky, Ky. Ky’. Ke 


The magnitude of K, , based upon earlier approximations, is too great to allow its 
direct calculation from the available titration data. However, the constants involving 


hydrogen or hydroxyl associations may be readily calculated. It is reasonable to 
assume, on the basis of the steep inflection at a = 4, that the only species existing at 
the inflexion point is the monohydroxo chelate, FeAO~. Hence, this point may be 
considered the starting point for a titration involving base to higher pH values, or for 
a back titration with acid. The amount of hydroxyl or hydrogen ions consumed at any 
point along the titration may be related to the formation of the hydrogen or hydroxo 
chelates. Perhaps the simplest approach to the calculations involves a modified 
Bjerrum method, in which the hydrogen or hydroxyl ions are considered ligands which 
are combining with the FeAO™ species. The following example for the calculation 
of K, and A, serves as a model for the determination of A, , A,’ and K,’. 

If it is assumed that all of the Fe(III) ions are initially present as FeAO™ at pH of 
6-5 (a = 4, Fig. 1), then in the pH interval exceeding 6-5, three chelate species exist 
in equilibrium: FeAQ~, Fe(AO)OH*-, and Fe(AO)OH),”°. Therefore, if a solution 
of FeAO™ is titrated with standard base, then the following equations may be written 


to describe the stoicheiometry 
Cy [FeAO [Fe( AO)OH® } [Fe(AO,OH),* (13) 
Con [OH [Fe( AO)OH? } 2[Fe(AO)OH),* (14) 


where C, and C,, denote the total concentration of ligand and Fe(III) ions, respect- 
ively, and C,,,,; represents the concentration of hydroxyl ions added at any point along 


the titration curve 
The Bjerrum quantity, 4,,;. corresponding to the average number of OH’s bound 


per mole of chelate present may be expressed by (15). 
Con [OH ({Fe( AO)OH® } 2[Fe(AO\OH),* }) 


- ——— (15) 
Cy — [Fe(AO)OH) — [Fe(AO)OH),* }) 


Now 
Equation (15) may be converted to a relation between K,, A, and [OH™] by 
substitution of (5) and (6) 


(Coy —{[OH})  (K,°[OH} + 2K,°K,[OH-P) 


(16) 
(1 K, — K,K,[OH F) 


It is seen that the relation between #,,,, and pOH is analogous to the usual Bjerrum 
function, i, related to the free ligand concentration, (A). Hence, first approximations 
of log K, and log K, may be determined from a plot of figy vs. pOH, at fing 
values of 0-5 and 1-5, respectively. If the spreading factor between the consecutive 
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constants is small, the method of CARLSON et al.” may be used to correct these values. 
The calculated data are listed in Table 2. 


Calculation of K,' 


The Fe(1l) chelate formation constant was calculated by the algebraic method 
outlined by CHABEREK and MArTeLt."! Equations (17)-(19) in addition to (7) and 
(10)-(12) are sufficient to calculate K, 


C, [FeAOH-] + (17) 


Cy — [Fe?*] + [FeAOH-} (18) 
aC, + [H*] — [OH-] = 2[AOH*] + 3[FeAOH-} (19) 
where } [H*P/K,K,K, + [H*P/K,K, + + 1 
and x [H*P/K,K, + 3 


Calculation of K,° from redox data 


A, was calculated from redox data in the pH intervals of 1-2 and 6-5-8. It has 
been shown that in the former pH range, the electrode reaction may be expressed by 


the reaction /', and the electrode potential. F. is defined by (20) 


Fe* H,AOH FeAOH 3H (h') 


E E 0-059 log [FeAOH — 0-059 log | [H,AOH} O-177 pH (20) 


Since [FeAOH ] [Fe**], equation (20) reduces to (21) 


E = E,° — 0-059 log 1/[H,AOH] + 0-177 pH (21) 


The reaction for the Fe(Il)—Fe(IID couple, having a standard electrode potential, 
may be expressed by (j) 


Fe? > Fe’ e 


If (j) is subtracted from (h'), it follows that 


Fe* H,AOH —+ FeAOH 3H (k) 


and 


E,° — = 0-059 log K,°K, (22) 


Elimination of E,” in (21) using (22) gives a relation in terms of the measured FE and 
(0-495 V vs. S.C.E.): 


E = EB, + 0-059 log K,°K,K,K, — 0-059 log 1/[H,AOH] + 0-177 pH_— (23) 


In the pH range of 6-5-8, the electrode reaction may be expressed by (k) 


FeAOH —+ FeAO H (k) 


The electrode potential is defined in this case by equation (24) which may be derived 


in the same manner as shown above 


E = E, + 0-059 log K,°/K,’K,° + 0-059 pH (24) 


*' G. A. Carison, J. P. McReyNowps and F. H. Vernoex. J. Amer. Chem. § 67, 1334 (1945) 
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Calculation of K, from spectrophotometric measurements 
All A, determinations described previously were determined from the measured 
log K, log A,’ difference and the known values of K,’. It was considered desirable 
to attempt a direct measurement of K,’. Such measurements require the determination 
of either the concentration of free Fe(III) ions or FeAOH® under conditions of 
appreciable dissociation. The strong affinity of the amino acid for the metal 
necessitates working in strongly acidic solutions 
[he spectrophotometric technique is especially suited for such measurements in 


this case, since 


(1) the FEeAOH 


(2) the Fe(III) ions in nitrate medium do not absorb appreciably in the 500-340 mu 


species absorbs light at wavelengths shorter than 360 mu: 


range at pH values below 2, and consequently the absorption is related solely to 


Fe \OH and 


(3) potentiometric data show no association of FeEAOH® with hydrogen ion 

Thus the solution optical density, D, is related only to the concentration of 
FeAOH 
D = (25) 


where &, is the molar extinction coefficient 


lhe other relations necessary for the calculation of K,° are defined by (26) and (27) 


[AOH*-] = (%,C, D)/X (26) 
[Fe**] = (2,.C (27) 
\bsorption spectra were recorded for solutions containing equimolar concentra- 


tions of Fe(IIl) and HEDTA at various pH levels between 0-50-2-0. The values at 


pH 1-5 and 2-0 gave equal absorbance, so it was assumed the Fe(IIL) was all chelated 
in the form [FeAOH’] at pH 1-50 and the extinction coefficients were obtained from 
these measurements. Values used in the calculations were 1360 and 1030 1./mole at 


wavelengths of 350 and 360 my, respectively 


DISCUSSION 


Log A, values calculated by three independent methods are listed in Table | 

It is seen that exceptionally good agreement exists between the various values 
[he fact that different combinations of othe equilibrium constants were used in 
these calculations is a good check upon the general description of the solution 
equilibri The greatest deviations occur in the values obtained from spectrophoto- 
metric and redox measurements at very low pH values. Under these conditions, the 
lower precision in the magnitude of pK, (relative to pK, and pK,) as well as the third 
power dependence of (Fe*’) and (FeAOH”) upon pH would be reflected in a greater 
uncertainty in K, 

Equilibrium data for Fe(Il) and Fe(III)}-HEDTA are listed and compared to 
corresponding EDTA values (4) in Table 2. It is seen that K, tor EDTA is about 
5 log K units greater than tl at for HEDTA. Part of this difference is related to the 
substantially greater basicity of the two nitrogen atoms of EDTA. In addition 
combination of Fe(III) with the tetravalent anion of EDTA would be favoured on 


the basis of its greater negative charge 
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A more significant difference in the behaviour of EDTA compared to HEDTA is 
apparent from a comparison of the corresponding log K, magnitudes. The normal 
Fe(III)-EDTA chelate is a considerably weaker acid. Titration curves of equimolar 
solutions of Fe(IIl) and EDTA illustrate the formation of FeA~ and FeAOH®> in 
two well defined and separate steps. SCHWARZENBACH has considered this stepwise 
neutralization process as evidence for the hexadentate functioning of this amino acid 
with Fe(III) ions. Hence, all six co-ordinating positions of the metal ion are fulfilled 
by the six electron donating groups of EDTA in the FeA~ structure 


Taste |.—SumMary or L0G K, vatues ror Fe(in)-HEDTA 


Method of measurement Constants used pH log A 


Redox potential 19-5] 

19-63 

19-75 

19-87 
Redox potential » Bes 19-83 

19-76 

19-69 

19-66 
Polarographic Ks 19-97 
spectrophotometric 73 19-32 iverage 


ofS) 


Perhaps a better insight into the differences in the acidities of FeAOH® and FeA 
may be obtained by considering the equilibria defined by A, to involve the reaction 
of OH” upon these chelate forms. The data indicate that the tendency for this 
reaction is considerably greater for the HEDTA chelate, FEAOH’. Part of the effect 
is certainly a result of the fact that the combination of a negative OH™ ion with the 
neutral FeAOH is favoured over similar reaction with the mono-negative inionic 
FeA~. In addition, if a pentadentate Fe(III)-HEDTA chelate similar to formula I\ 
represents the FeAOH' species, then the reaction of a hydroxyl ion would involve the 
displacement of a co-ordinated H,O molecule and would not require the displacement 
of the metal carboxylate bonds. In contrast the combination of OH~ with FeA~ must 
involve the displacement of a carboxylate group in the formation of the monohydroxo 
Fe(lIl}-EDTA chelate if FeA~ is hexadentate 

Our postulation of probable hexadentate structures similar to that shown in formula 
Il! for the FeAOH’ and FeAO~ chelates is consistent with the effe ‘the N-sub- 
stituted #-hydroxyethyl group upon metal chelate format 
greater stability of the Fe(III}-HEDTA chelates in alkaline solution compared to 

Recent studies concerning the effect of N-hydroxvethv! o ups'*-*) on transition 
divalent metal chelation have shown that this structural unit pparently involved 
in the chelation process, although its contribution to the overall stability was 


S. Cuanerek, Jr., R. C. Courtney and 
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considerably less than that of an N-substituted acetate group. In the case of N- 
hydroxyethyliminodiacetic acid, for example, the corresponding formation constants 
were greater than those for the unsubstituted iminodiacetic acid. in spite of the fact 
that the ligand basicity of the former was decreased considerably by the incorporation 
of the ethanolic group into the chelating structure. The decreased ligand basicity 
should have resulted in lower values for the formation constants. if the ethanolic 
group were not bound. The co-ordination of /-hydroxy ethyl group occurs without 
the removal of the ethanolic hydrogen in these cases. 

Probably more significant in this respect is the recent polarographic investigation 
of Fe(III)-N : N-dihydroxyethylglycine by ToREN and These authors 
reported the formation of a single | : | ferric dihydroxy chelate, FeA(OH),”, over a 
wide pH range. The absence of a chelate Species containing a ratio of ligand to metal 
greater than one strongly suggests the participation of the '-hydroxyethyl groups in 
the chelate structure, since it is inconceivable that at least a 2 : | chelate species would 
not be formed if the ligand were operating in a bidentate manner. Their results. 
however, do not shed light on whether the two additional moles of hydrogen ions, 
which are titrated simultaneously with the liberated hydrogen on the positively 
charged nitrogen, are the ethanolic hydrogens or protons from the co-ordinated 
water molecules 

While the formation of the metal-ethoxide ring would be anticipated at pH values 
sufficiently high to allow the existence of the ethoxide ion, its formation in acidic 
solutions may occur as a result of a strong polarization effect in the presence of 
Fe(III) ions. 


P. E. Toren and I. M. Koutuorr. J. Amer Chem. Soc. 77, 2061 (19 
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POLAROGRAPHIC REDUCTION OF URANIUM(VI) 
UNDER COMPLEXING AND NONCOMPLEXING 
CONDITIONS 
NATURE OF THE URANIUM(V) SULPHATE COMPLEX 


Puitie J. ELvinG and ALAN F. Krivis 
University of Michigan, Ann Arbor, Michigan 


(Received 26 January 1959) 


Abstract—The polarographic reduction of U(VI) to U(V) in acid solution is sensitive to both type 
and concentration of anion present. ¢ onsequently, the reduction was studied using perchlorate as 
a non-complexing anion and sulphate as a complexing anion 

In HCIO, solution increasing the perchlorate concentration shifts E; to more positive potentials, 
which seem to correspond to junction potential effects. Increasing either HCIO, ot perchlorate 
concentrations increases the limiting current slightly, which can be attributed to a higher rate of 
disproportionation of U(V); other factors, e g., viscosity of the solution, tend to counteract the 
effect of the disproportionation 

In sulphate media, UO,* is not strongly complexed, the association constant for the U(V) 
sulphate complex being ca. 0-13, if UO,SO, is the most stable uranvl sulphate complex present. 
The effect of acid on the stability of the latter complex confirmed its existence as an uncharged 
species. Limiting currents are pseudo diffusion-controlled, €.g., Increasing the solution viscosity by 
increasing the electrolyte content decreases the current: this is due to the maximum disproportion- 
ation rate of U(V) having been reached at even the lowest sulphuric acid level investigated ; increasing 
the anion concentration consequently slows down diffusion. 


THE polarographic behaviour of uranium and of its complexes, particularly those of the 
higher oxidation states of uranium, have been extensively examined. Study of the 
uranium sulphate complexes has been limited to solutions containing high con- 
centrations of both uranium and gelatin. Consequently, the polarographic behaviour 
of uranyl ion at low concentration, in the absence of maximum suppressor, was 
investigated in complexing sulphate media and, for comparison, in noncomplexing 
perchlorate media. 

The U(VI)-U(V) wave appears over the whole acidity range investigated (ca. 0-2 
to4 M H*); due to presence of the hydrogen ion discharge wave, reduction waves for 
U(V) and (IV) are observed only in solutions of low acidity. These waves are ill- 
defined and, in sulphate media, tend to merge with the hydrogen discharge. Therefore, 
analysis of the data will be limited to the U(VI)-U(V) wave: this will permit com- 
parison of the effects over the whole range of anion and acid concentrations. 

Spectrophotometric studies":*) have not been able to detect any perchlorate 
complex of U(VI), whereas at least one sulphate complex has been identified: the 
latter has also been identified by extraction studies.) These findings are supported by 
the radical difference in the polarographic results obtained in the present study, which 
indicate the distinctly different nature of the processes occurring in sulphate and in 
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perchlorate media. Consequently, the discussion will be divided into two major 
d sections, describing separately the trends in each medium 

i An important factor in the polarography of uranium ‘*-*) js the disproportionation 
of U(V): 


2U0,* + 4H* —- UO,?* + U* 2H,0 (la) 


2U0,* + 2H* + UO® ~ H,O (1b) 


rhe rate of this process influences the current of the first uranium wave, U( VI) —+ U(V). 


which varies between the values expected for le and 2e processes. Increasing acid 


concentration tends to favour the process. The optimum stability of UO,* is in the 
region of pH 2-4.‘° 

In perchlorate media (ionic strength, u, —0-4M: | O,° concentration 1O-* 
10-° M) the rate law for the disproportionation is 


d{UO,*\/dt = k{H* (2) 


with & being 130 ~ 41. moles! sec~! at 25°.'7) Below 0-5 M acid concentration. the 
probable mechanism is 


UO,* + H* =* UOOH? (3) 
+ UOOH* — UO,* + UOOH (4) 
Vol, UOOH™ —+ U(IV) species (5) 


An increase of k with increasing ionic streneth is to be expected for an activated 


complex such as the (UO,UOOH} proposed.'”) Potentiometric study’ of the U(V) 


disproportionation kinetics in sulphate media demonstrated the probable mechanism 


to be the same as that in perchlorate solution. 


EXPERIMENTAI 


Reagents. Uranyl perchlorate, prepared by repeated e aporat ! uranyl nitrate with perchloric 
acid, was dissolved to give a 0-1338 M solution 4 0-0640 M phate solutior prepared 
from the C.P grade salt (Fisher Scientific Co.). The exact urar concentratio C etermined 
by reduction (Jones reductor), aerat on and titration (stan lar ( omate solution th sodium 


diphenylaminesulfonate as indicator) 


Nit ogen used for deoxygenat ng solutions was purified ind rated Dy two a ne pyro- 
gallol scrubs and passage through a portion of the proper backg ciectrotyte solution. All c 


chemicals were reagent grade and were used w thout further pu 


Procedure. Sufficient uranyl solution to produce the desired tration at fin 
added to the proper quantities of acid and salt: the solution 
portion was transferred to a thermostated H-cell kept at 25-0 O-1 ¢ (Sodium s 
increase the ionic strength in the s phate acid series and so r j n the p : d 
series.) The solution vaS Geoxygenated with nitrogen f 15 mi pned i Lee nd 
Northrup Type E Electro-€ nemograph. £, and i, values were ce ned grap the 
average of the recorcer trace swings In order to avon p ecipi LASSI pe 


igar salt bridge in the H-cell was made with sodium chloride 
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The data presented are for 0-802 mM U(VI) in perchlorate media and for 1-28 mM U(VI) in 
sulphate media. Data were also obtained for 0-267 and 2-67 mM U(\ 1) in perchlorate media, but are 


the same as those for 0-802 mM U(VI). i.e.. F: is identical and i, is the proper fraction or multiple 


Perchlorate media 


Spectrophotometrically, no complexation of U(VI) was observed on varying the 
HCIO, concentration from 2 to 6 M.“ 


Variation of E,. At constant HCIO, concentration, increasing ionic strength by 
NaClO, addition linearly shifts E, to more positive potential (Fig. 1B). Twelvefold 
variation of the acid concentration does not change E, or curve shape excessively: 


2 3s 4 


2 


Total added sulphate lonic strength, J Hydrogen ior 


concentration, M 


Fic. 1. Dependence of £; on solution composition 


(A) Ey as a function of total gross sulphate concentration at constant sulphuric acid con- 
centration. H,SO, concentration: a, 0-18 M; b,0-36M: 10M: d. 18M 
(B) £; as a function of ionic strength at constant perchloric acid concentration. H(¢ 10, con- 
(C) Ey as a function of HCIO, concentration at constant ionic streneth lonic strength for 
perchlorate solutions es. 1S M: 37M >. 5-5 M 


the variation in E, is almost within experimental error. Plots of E, vs. [H*] 
(actually acid normality) (Fig. 1C) show increasingly nonlinear response to increasing yu 

Apparently, at lower ionic strength E, is independent of acid concentration. but 
at higher « becomes sensitive to [H*]. However, since the electrode reaction, 
U(VI)-—+(V), has been shown ‘to be reversible and not to involve H*, £ 


should be independent of [H*]. Furthermore, the lowest ionic Strength used (Fig. 1C) 
is quite high (1-5 M) and further increase in it should not have a noticeable effect. 


(The activity coefficient of H* for various HCIO, concentrations is as follows: 
0-77 at w = 0-29, 0-92 at w = 1-5 and 1-8 at w = 3-7."" Data for HCIO,-NaClo, 
solutions could not be located.) 


The results are reminiscent of the similar type of curvature reported for the 


E,—u plot for cadium(I1), which was ascribed to the effects of junction potential and 
complex formation."*) However, it is difficult to compare the latter data with the 
present results since U(VI) and its reduction products are soluble, whereas Cd(I1) is 
reduced to the amalgam. 
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The Nernst equation for the reversible U(VI)-U(V) reduction indicates that an 
increase In 1onic strength through its effect on the activity coefficients of the two 
uranium species should shift potentials to more negative values, if at all: the experi- 
mental data (Fig. 1B) shows the opposite. The linear dependence of F, on u indicates a 
systematic factor to be operative. In 0-29 M HCIO,, a difference of 28 mV was found 
between the £, values obtained in the lowest and highest « solutions; the difference 
in pH found for the same HCIO,-NaClO, solutions with a glass electrode corre- 
sponded to a potential difference in the same direction of 38 mV. indicating that most 
of the £, shift is likely due to junction potentials. The acid and salt concentrations 


——, 


pA 


+ 
a d 
| | 
5 
a 
Anion concentration, M 
Fic. 2.—Limiting currents. i,. as a function of the total gross anion concentration at constant 
acid concentration. 1O, concentration a, 029M bh, 147M M H,SO, 


concentration: d, 0-18 M; 036M: 10M 


used preclude the calculation of—or for that matter, the approximation of—the 
activity coefficients of the uranium species. 

Current variation. Usually, with a diffusion-controlled process, increasing the 
ionic strength increases the viscosity of the solution which, in turn, should decrease 
the rate of diffusion of the electroactive species to the electrode: this would then be 
reflected in a lower observed i,. At low acid concentration i, for the | (VI)-L(V) 
wave is independent of ionic strength (Fig. 2); at higher acid concentration, it 
increases with increasing 

Since the 0-29 M acid is well outside the optimum stability range of U(V) with 
respect to disproportionation, almost all U(V) produced at the electrode should 
immediately disproportionate. Further addition of acid should only slightly more 
favour the disproportionation and the current should rise only sli thtly; this is the 
case. The increase in slope of the current-anion concentration relation can be similarly 
interpreted. 

At relatively low ionic strength, i.e. 0-4 M, an increase in « increases the rate 
constant of the U(V) disproportionation;'” the explanation for this was based on the 
premise that the activated species was sensitive to the ionic atmosphere. In all proba- 
bility, the same effect causes the present observed rise in i,. Therefore, at 0-20 M 
acid the increase in viscosity caused by the increase in m is apparently just counteracted 
by the increase in disproportionation rate, and no reduction in wave height is found. 
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At higher acid concentrations, the increased disproportionation rate not only neutra- 
lizes the effect of the decreased diffusion rate, but enhances the current, producing 


the rising slope in the current-anion concentration relation. 


Sulphate media 


he interpretation of the data in sulphate solution is complicated by the com- 
putation of the concentrations of the ionic species (H*, HSO,~ and SO,*) and 


consequently of the ionic strength, due to the variation of the bisulphate ion dis- 


sociation quotient, 


[H ] 
[HSO, 


with ionic strength. Calculations of the quantities indicated were made on three 
bases: (a) assuming a Q value of 0-012, which corresponds to infinite dilution, (b) 


TaBLe |. POLAROGRAPHIC BEHAVIOUR OF URANIUM(VI) IN SULPHURIC ACID SOLUTION CONTAINING 


VARIABLE AMOUNTS OF SODIUM SULPHATE 


H,SO, 
(M) 


Na,SO, 
(M) 


0-00 0-205 6 0-36 0-00 0-198 7-1 
0-18 0-20 0-223 69 0-36 0-30 0-205 69 
0-18 0-60 0-2 63 0-36 0-60 0-212 65 
1-40 


experiments 


(7 >' ue I ” 1-9 mg/sec at ope circuit) The value are given to indicate the iriation with 


assuming a “large” value of Q, corresponding to nearly complete dissociation, and 


(c) using Bags’ estimation of bisulphate ion dissociation."* Although the three 


approaches obviously gave differently shaped curves for plots of E, or i, vs. 4, [H ] 


or [SO, ], the general trends within the series of each constant acid concentration 


were similar. Consequently, the experimental values of £, and i, are given in 


Table 1, from which trends can be realized. 

\t 0-18 M H,SO,, increasing the Na,SO, concentration shifts / exponentially to 
more negative potential (Fig. 1A). With increasing H,SO, concentration, the cur- 
vature is eliminated and £, becomes slightly but apparently linearly more negative 


C. F. Baes, J. Amer. Chem. Soc. 79, 5611 (1957) 
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| 
Wave I* Wave I* 
H.SO, Na,SO, i i 
‘agi 
(M) (M) (V) (mA) (V) 
0-18 1-50 0-254 
= 1-00 0-00 0-165 7:3 1-8 0-00 0-145 7-4 
0-80 0-170 
53 * Solu 1s 1-28mM in U(VE. 1 me capillary sed pha 
solut con ) 
q 
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with increasing total sulphate concentration, although the slope of the plot decreases 
considerably. 

\t constant ionic strength (calculated on different bases). the plot of E, vs. [H*] 
is apparently exponential and independent of ionic streneth since two differing 
constant “4 series gave similarly shaped curves. 

At constant acid concentration i, decreases linearly with increasing added sulphate 
concentration (Fig. 2); increasing the acid concentration increases i, but does not 
change the slope of the i,—“‘anion” concentration relation 

These results are consistent with those expected for complexed species. 

Although Heat concluded that lt O,** and its reduction products do not form 
strong sulphate complexes, both his polarographic data and those of WaTTers"® 
indicate that the presence of sulphate changes polarographic values considerably 
beyond the variations expected for experimental error; therefore complexation is 
likely involved. Furthermore, even at very low H,SO, concentration i, for the first 
wave is more than that for a le reduction. Increasing the H,SO, concentration to 
15 


0-5 to 1-0 M increases the wave height to about that for a 2e reduction Since the 


acid concentration is distinctly below the 6 M level at which the wave approaches a 
2e height in hydrochloric acid solution,'®"*.") the current ncrease must be due to 
complexation. If either the U(VI) or U(IV) sulphate complexes are more stable than 
the U(V) complex, the disproportionation {equation (1)) will be favoured and the 


first wave current will increase. Heat 4 based his conclusions on the low stability of 


sulphate complexes on the constancy of £, in both chloride and sulphate media 


However, since he used a high uranium concentration (0-Ol M) and a gelatin con- 
centration (0-02 per cent) sufficient to cause anomalies.(!*."9 E, in the two media may 
be further apart than his results indicate 

Vature of the U(V1) and U(V) sulphate complexes In a spectrophotometric 
study" of the complexation of U(VI), the species in 2 M H,SO, seemed to have a 
uranium : sulphate ratio of 1:1 with two major possible forms: UO,HSO,* and 
UO.SO,. The equilibria involved, 


HSO, UO,SO, H (8) 


indicate that the bisulphate complex concentration would be relatiy ely independent 
of small changes in the acid concentration at the 2 M level, whereas the concentration 
of the neutral sulphate species would be increased by a reduction in acid concentration 
Since decreasing the acid concentration does increase the concentration of the 
complexed form, the most likely species ts the neutral UO,SO,, whose association 
constant was determined to be 5-0 — 0-34." 

If the first uranium wave is assumed due to the reaction 


UO e<* UOXSO,) 


Heat, Trans. Faraday Sa 45, 1 (1949) 
Watters, U.S.A.F.C. Report CC 2771 (1945) 
E. Harris, Ph.D. Thesis, University of Mins sota (1945) 
I. M. KortHorr and W. FE. Harris. J. Amer Chem. Soc. 68, 1175 (1946) 
E. F. ORLEMANN and D. M. H. Kern. J. Amer. Chem. § 75, 3058 (1953 
L. Meires and T. Merres, J. Amer. Chem. Sox 73, 177 (1951) 


ol, 
11 
959 
(p — 2)so2 (9) 
4 
i 
is 


240 Puivip J. ELvinG and ALAN F. Krivis 


the relevant equation for E, at 25° is“ 


0-059} KD\- 0-0591 loe 
(p ) ——— log [ligan (10) 


If the diffusion coefficients of U(VI) and U(V) are assumed to be essentially equal, 


the slope of E,—log [ligand] plots gives 
0-059] 


AE 
(11) 
A log [ligand] a 


Since reduction of UO,** to UO,* involves one electron, and since the most stable 
sulphate complex at the higher H,SO, concentration (2 M) contains one sulphate ion, 
equation (11) simplifies to 

AE 


————— 0-0591 (1 — q) (12) 
Alog [ligand] 


Plots of E, vs. log [SO,°"] can be used to evaluate g. 
On the basis of [SO,°-] calculated in various ways as mentioned, the slope 
(AE,/A log [SO,~]) decreases as the acid concentration is increased, being —0-05 to 
0-06 at 0-18 M H,SO,, ca. —-0-04 at 0-36 M, and ca. —0-02 at 1-0 M. Therefore, at 
the lowest ionic strength and acid concentration studied, 0-18 M, the U(V) species is 
only slightly complexed by sulphate, probably existing mostly as an aquated ion. The 
latter fact plus the decrease in slope with increasing acid concentration indicate that 
the addition of acid strips the sulphate off the uranium(VI); such behaviour supports 
the contention that the most probable U(VI) species is the neutral complex [UO,SO,]. 
E, corresponding to log [ligand] = 0-0 is the standard reduction potential, (E,),, 
of the complex" and 


0-059] K 
log — 
"i 


(E,) (13) 


a 


where (£,), is E, of the uncomplexed ion, K,. is the dissociation constant for the 
oxidized species, and K,. is that for the reduced species. 

For the U(VI)AV) wave, a 1 and (£,) 0-180 V;'” therefore, at 0-18 M 
sulphuric acid (lowest H,SO, concentration used which gave maximum rate of slope 
for E, vs. log [SO,*-}), 


A 
(0-252 to 0-257) — (—0-180) 0-0591 log = (14) 


The ratio of K,.. to K,. is then 0-05 to 0-06. Since K,. has been found to be 0-4, 
K,... is approximately 7 or 8. The association constant for a U(V)-sulphate complex 
would be 0-13 to 0-14, which is in agreement with qualitative deduction as to the low 
stability of any U(V)-sulphate complex. 

The variation of £, with sulphate concentration (Fig. 1A) is dependent on the 
H,SO, concentration level. At low acid concentrations, complexation is probably the 
major factor in the potential shifts. As the acid concentration is increased. the 
increasingly large junction potential seems to diminish the apparent effect of [SO,?-] 
on £,. Unfortunately, the effect of activity on the complex cannot be evaluated. 
[he variation of current with sulphate concentration (Fig. 2) shows a pseudo 
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diffusion-controlled process instead of the catalytic current effect actually present. As 
the sulphate concentration is increased. the current decreases. The uranium wave in 
high acid and sulphate concentrations is affected by the increase in viscosity in the 
same manner as a diffusion-controlled reaction would be: the maximum rate of 


disproportionation has been reached. and consequently, further addition of sulphate 
| 


can only affect the viscosity of the solution and thus decrease the current flow. 


Acknowledgement—The authors wish to thank the Atomic Energy Commission, which helped 
support the work described. 
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THE AUTOXIDATION OF HYDROXYLAMINE 


P. C. Moews, Jr. and L. F. AUpRieETH 


University of Illinois, Urbana. Illinois 


(Received 19 January 1959) 


Abstract Aqueous solutions of hydroxylamine undergo deterioration in contact with atmospheric 
oxygen. The autoxidation process is markedly catalysed by trace quantities of dissolved metals, 
particularly copper. Such solutions can be stabilized by addition of metal deactivators such as 


potassium ethyl xanthate, 8-hydroxyquinoline, dithizone and polyethyleneamines, which serve as 


excellent complexing agents for either Cu(1) or Cu(II) 


It has long been recognized that hydroxylamine undergoes decomposition quite 
readily. The crystalline solid suffers rapid deterioration at room temperature to yield 
ammonia, water, nitrogen and nitrous oxide as principal products. Aqueous solutions 
are said to be more stable; nitrite is observed as an additional decomposition product 


of aqueous hydroxylamine. Since autoxidation brings about the decomposition of 


aqueous hydrazine it seemed quite probable that the observed instability of hydroxy- 
lamine solutions might be ascribed. in part, to a similar autoxidation process, 
especially since RoGers ef a/."") have already reported that N-substituted hydroxy- 
lamines undergo reaction with molecular oxygen. 

Hydroxylamine and hydrazine are chemically very much alike. These two sub- 
stances may be looked upon as the aquo ammono and ammono analogues, respectiv ely, 
of hydrogen peroxide.’ Previous work in this laboratory has shown that the aut- 
oxidation of aqueous hydrazine? is catalysed by trace quantities of certain metal ions, 
most profoundly by dissolved copper. Metal deactivators which serve to greatly 
reduce the concentration of dissolved copper, either by formation of very insoluble 
salts or by complexation, can be employed as inhibitors to stabilize hydrazine solutions. 

he experimental work reported below demonstrates conclusively, (a) that aqueous 
solutions of hydroxylamine like those of hydrazine undergo autoxidation readily, (b) 
that trace quantities of certain metal ions, in particular dissolved copper, catalyse aut- 
oxidation of such solutions, and (c) that addition of metal deactivators enhances the 
stability of aqueous hydroxylamine towards molecular oxygen. Hydroxylamine 
solutions are best kept under a nitrogen atmosphere, but if contact with atmospheric 
oxygen is unavoidable. addition of the following substances in the order of one 
part per thousand (based on hydroxylamine content) is recommended to minimize 
the catalytic effect of dissolved metals such as copper: potassium ethyl xanthate, 
8-hydroxyquinoline, dithizone, polyethyleneamines. It is interesting to note that 
these substances serve as powerful complexing agents for either Cu(1) or Cu(II). 


D. H. Jounson, M. A. T. RoGers and G Trappe, J. Chem. Soc. 1093 (1956) 
L. F. Auprietu and B. A. OGG, The Chemistry Hvdrazine p. 8. John Wiley, New York (1956) 
L. F. Auprietu and P. H. Monr, Industr. Enene. Chem 43, 1774 (1951) 
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EXPERIMENTAI 


Analytical and preparative procedures The Raschig method for the determination of hydroxyla- 


mine, as modified by Bray e7 al.""’ was emploved throughout the present investigation. This method 


's based upon the quantitative oxidation of hydroxylamine to nitrous oxide by ferric ion in strongly 


acid solution. The ferrous ion so formed is determined by titration with standard permanganate 
Aqueous solutions of hydroxylamine were prepared either by adjusting dihydroxylammonium 
sulphate solutions to pH 9 with sodium hydroxide (type A solutions), or from the free base (type B 


solutions). It should be noted that the type A solutions contained hydroxylamine and sodium 


sulphate in a 2 : | molar ratio. Deionized water was used for making up all solutions and dilutions 


All autoxidation experiments were carried out in previously unused 500 ml volumetric flasks 


The latter were cleaned thoroughly with nitric acid and deionized water prior to use. Various 


standard solutions were introduced to give a total volume of 25 ml in each of the test flasks The 
hydroxylamine concentration was kept constant throughout all experiments at0-4M. The type A 
solutions were 0-2 M with respect to sodium sulphate. The air in each of the flasks was d splaced 


by pure oxygen (or nitrogen). The test solutions were thermostatted at 23 and kept at this tempera- 


ture for 21 hr. Five millilitre aliquots were then analysed for hydroxylamine ising 0-1 NKMnoO, 


EXPERIMENTAL RESULTS 


Data given in Table | demonstrate (a) that the presence of trace quantities of 
dissolved copper, added as copper sulphate, very markedly catalyse the autoxidation 
of hydroxylamine, (b) that the reaction rate depends qualitatively upon the concen- 
tration of dissolved copper; and (c) that the order of catalytic activity of the various 
metallic ions is given by the series: 


Cu Fe(Il) Mn Zn. 


The order of catalytic activity of metal ions in effecting the autoxidation of 
hydroxylamine parallels the order observed previously in a study of the deterioration 


of aqueous hydrazine in contact with molecular oxygen. 


The effect of oxygen as a reactant is evident from the data given in Table 2. The 


hydroxylamine solutions were found to be stable under a nitrogen atmosphere. There 
IS NO question, but that autoxidation is largely responsible for the deterioration 
of aqueous hydroxylamine. 


lhe type A solutions in deionized water representing the blank determinations were 


consistently found to have undergone decomposition to the extent of 35 + 5 per cent 


during the 21 hr reaction period. It seems quite probable that traces of dissolved 


copper in the deionized water were responsible for the decomp tion of these solutions 


per se. Addition of various metal deactivators to the type A solutions containing no 


> 


added copper verifies this assumption. Data are given in Table 3. Reference to the 


data given in Table 1B suggests that the concentration of dissolved copper in deionized 
water lies between 10~* and 10-7 M. 


In order to define more precisely the efficiency of various metal deactivators 


experiments were carried out using type A solutions containing added copper (10-* M) 


and a hundredfold molar quantity of metal deactivator (10-2 M). Results are given in 


lable 4 covering only the more effective complexing agents and precipitants. Some 


stabilizing effect was noticeable when resorcinol. histidine. c itechol, triglycine, and 


lysine were employed. The addition of gelatine, acetanilide, urea, morpholine, 
pyridine, sodium citrate, sodium cyanate and sodium tartrate did not bring about any 


* W. C. Bray, M. E. Simpson and A. A. MacKenzie. J. Amer. Chem. S 41, 1363 (1919) 
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TABLE | THE AUTOXIDATION OF AQUEOUS HYDROXYLAMINE 
(TYPE A SOLUTIONS) 
((NH,OH] 0-4 M: time, 21 hr: pure oxygen atm.) 


A. Effect of various metallic ions 


Added salt, concentration Decomposition (",) 
ZnSO, M) 37 
MnSO, (10°* M) 41 
FeSO, (10-* M) 53 
CoSO, (10-* M) 57 
CuSO, (10-* M) 100 
Blank 35 5 


B. Effect of vary ing concentrations of dissolved copper 


Added salt, concentration Decomp sition 
CuSO, (10-* M) 100 
CuSO, (10-5 M) 73 
CuSO, (10°-° M) 37 
Blank 35 5 Vol, 
11 
1959 


TABLE 2.—STABILITY OF HYDROXYLAMINE, TYPE A SOLUTIONS 


({NH,OH] = 0-4 M: time, 21 hr) 


Decomposition (°,) Decomposition 
eage addec 
. O, atmosphere N, atmosphere 
None 35 5 0 
10-* M Cu (as CuSO,) 100 0 


2 


TABLE THE AUTOXIDATION OF TYPE A HYDROXYLAMINE SOLUTION 


({NH,OH] = 0-4 M; time, 21 hr: pure oxygen atm.; deactivator 
concentration M) 


Deactivator Decomposition (°,) 
None 35 5 
Potassium cyanide 6 
Potassium ethyl zanthate 4 
Ethylenediamine tetraacetic acid 12 
Histidine 18 


Sodium sulphide 22 
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TABLE 4.-THE EFFICIENCY OF METAL DEACTIVATORS IN INHIBITING THI 
AUTOXIDATION OF TYPE A HYDROXYLAMINE SOLUTIONS 
([NH,OH] = 04M: added copper, 10-* M; time, 21 hr: pure oxygen 
atm.: deactivator concentration 10 M) 


Deactivator Decomposition 


Blank 


Potassium ethyl! xanthate 3 
8-H ydroxyquinoline 5 
Triethylene tetramine 5 
Dithizone 7 


Tetraethylene pentamine 


Potassium cyanide 11 


Ethylenediamine tetraacetic acid 2 


Thiourea 


STABILITY OF PURE HYDROXYLAMINE, TYPE B SOLUTIONS 
({NH,OH] = 0-4 M: time, 21 hr) 


AN Decomposition in an OXygen atmosphere 


§ 


Added reagent Decomposition (°.) 


None »2 


10-* M Cu 92i4 
10-* M Cu, 10°? M 8-hydroxyquinoline 2 
10-* M Cu, 10-? M histidine 45 
10-* M Cu, 10-2 M resorcinol 65 


B. Decomposition in a nitrogen atmosphere 


Added reagent Decomposition (°,) 


None 
10-*M Cu 


noticeable inhibition of the autoxidation reaction as defined by the experimental 
conditions employed in the present study. 

In order to check the data obtained using dihydroxylammonium sulphate solutions 
adjusted to pH 9, solutions of pure hydroxylamine were also evaluated. The 0-4 M 
NH,OH solutions were found to have a pH of 9-2. The solutions of pure hydroxy- 
lamine were consistently found to have decomposed to a greater extent than the type A 
solutions containing sodium sulphate, suggesting that the latter exerts some stabilizing 
effect. On the other hand, the data given in Table 5 demonstrate (a) that autoxidation 
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is responsible for decomposition of aqueous hydroxylamine solutions, (b) that dissolved 


copper greatly accelerates reaction with molecular oxygen and (c) that addition of 


metal deactivators inhibits the rate at which autoxidation takes place. 

It seems evident from the findings reported above that aqueous solutions of 
hydroxylamine are stable under a nitrogen atmosphere. Autoxidation can. however. 
be inhibited by the addition of copper complexing agents, such as potassium ethyl! 
xanthate, 8-hydroxyquinoline, dithizone and polyethyleneamines. 
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NOTES 


Zur Herstellung von “Nb-freiem “Zr durch TT \-Extraktion 


(Received 7 July 1959) 


"Zr und sein Folgeprodukt “Nb sind haufig verwendete radioaktive Indikatoren fiir Zirkon bzw 


Niob. Zur Gewinnung von reinem “Zr und “Nb aus eine: Mischung beider Nuklide verwendet 


man im allgemeinen das von Moore" angegebene Extraktionsverfahren mit TTA (Thenov! 
trifluoraceton). Eine Lésung von “Zr-"Nb in 2 N HC! oder 2 N HNO, wird mit einer Lésune von 
0.5 m TTA in Xvlol oder Benzol extrahiert. “Zr wird Zu YS-99 Nb zu etwa | extrahiert. Wie 
HARDY und SCARGILI gezeigt haben, lassen sich durch sorgt altiges W schen der wiissr yen P mse 
mit TTA-Benzol bzw. der organischen Phase mit 2 N HNO sehr reine “Nb bzw. “Zr-Praparate 
erhalten. Zur Riickextraktion von "Zr aus der TTA-Benzol-Lésung wird reine HI oder verdiinnte 


HNO HI empfohlen Nach Moor! ist die Riickextraktion iC durch 8 N HNO oder 


konz. HCI méglich, wenn die TTA-I osung vorher zehnfach, d.h. auf 0.05 m. verdiinnt wird 


Fiir die Untersuchung der Extraktion von Zr, Nb, Ta und Pa aus HC! und anderen wissrigen 
Phasen durch verschiedene Extraktions nittel’*’ bendtigten wir salzsaure “7r-! Osungen mit moeglichst 
geringem Gehalt an “Nb. Die Riickextraktion durch HI oder HNO HF aus der TTA-Phase 
schien dazu wenig geeignet, denn bis zur | ntfernung der HF durch Abrauchen ist eine zwar geringe, 
hier aber doch schon stérende Nachbildung von “Nb aus “Zr nicht ermeiden. Wir versuchten 
deshalb, Zr nach Verdiinnen der TTA-I Osung mit Benzol auf 0,05 n inch konz. HCl zuriick- 
zuschitteln, beobachteten aber schlechte Ausbeuten an 7; Deshalb wurden die Verteilungs 


koeffizienten bei der Ext iktion von “71 durch 0,10 m und 0.05 m 7 TA in Benzol und 0.05 m 7 TA 
in Xylol bestimmt (Abb. 1). Zuniichst nehmen die Verteilungskoe Tiziente 


Extraktion durch 0.5 m TTA-Xvlol mit steigender HC|-Konzentration ab. Dieses Verhalten ist 


enten-ahniich wie bei der 


zu erwarten, wenn die Extraktion als Zr-TTA-€ helatkomplex erfolgt 
4H-TTA,,.. [Zr(TTA),) 4H 


Oberhalb von etwa 6 N HCI wurde dagegen ein starker Anstieg der Vertcilungskoeffizienten beo- 


bachtet, der nach diesem Mechanismus nicht zu erwarten ist. Es kann ve itet werden, dass nur 
mehr ein lonenassoziationsmechanismus vorliegt, d.h. die An! igerung eines negativ geladenen, n 
HCl-Konzentration bevorzugt gebildeten 7r-Cl Komplexes an ein POsitiv enes 
Onium-lon des Diketons. Dieser Mechanism is wurde bei der Extrakti: nderer, zur Bil« on 
hlorokomplexen befiah gter Metalle durch s iuerstoffhaltige | osungs ci Deodachtet die 
Reinigung von "2: ergibt sich, dass die Riickextraktion durch reine H( ch ist und zweck sig 
nach Verdiinnen der TTA-I Osung auf 0,05 m mit S-6 N HCI durchgefiihrt wird. Eine zweimalige 
Riickextraktion ist ratsam 
Ein bequemes Verfahren zur “Zr-Reinigung haben ALcock ef a/ ingegeben. Es wird eine 
Vorratslésung von “Zr in 0.05 m TTA-Benzol hergestellt und iiber | N HNO, (wir verwenden 
2 N HCl) aufbewahrt. Zur Entnahme von "7; schuttelt man 10 min, um das nachgebildete “Nb 
in die wassrige Phase zu extrahieren, und pipettiert nach dem Absitzen der Phasen einen geeigneten 


F. I Moore Chen 2. 997 (1956) 
C. J. Harpy und D. Scarcut. J. Jnore Nucl. Chem. 9, 322 (1959) 

H. L. Diplomarbeit Mainz (1959): vel. H. L. Scuerrs und G. Angew. Chem. 71, 
384 (1959) 

" R. E. Connick und W. H. McVey, J. Amer. Chem. So. 71, 3182 (1949) 

’ G. H. Morrison und H. Freiser, Solvent Extraction in f{nalvtical Che S. 30 ff, 125 ff. John 
Wiley, New York (1957) 

" K. ALcock, F. C. Beprorp, W. H. Harpwick und H A.C. McKay, J. Jnor Nucl. Chem. 4, 100 (1957 
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“2 9 5 7 10 22n Cycy 

Ans. | Extraktion von trigerfreiem “Zr durch TTA. Die Verteilungskoeffizienten K, 

sind in Abhdngigkeit von der Salzsdurekonzentration aufgetragen @ 0,10 m TTA in Benzol, 
0,05 m TTA in Benzol, 0,05 m TTA in Xylol, 0,5 m TTA in Xylol, nach Moore.’ 


Anteil der organischen Phase ab. Dieser Anteil wird durch mehrfaches Waschen mit 2 N HCl 
gereinigt.* Die Riickextraktion des nunmehr reinen Zr durch 5-6 N HC! machte bei relativ 
frischen ITA-Stammlésungen keine Schwierigkeiten. Mit zunehmendem Alter der Zr-TT A- 
Loésung musste die Schiittelzeit zur f rreichung der mit frischen I Osungen beobachteten Verteilungen 
standig gesteigert werden. Sie betrug schliesslich bei einer einige Monate alten “Zr-TTA-I Osung 
12 Stunden. Wahrend dieser Zeit et folgt eine so starke Nachbildung von “Nb, dass das Verfahren in 
dieser Form fiir die Herstellung von reinem “Zr nicht zweckmiassig ist. Die Ursache dieser Extrak- 
tlonsverzogerung wurde nicht naher untersucht. Es sei erwahnt, dass BoLoMEY und WisH'”’ bei der 
Extraktion von Beryllium durch TTA unter bestimmten Bedingungen ebenfalls sehr langsame 
Gleichgewichtseinstellungen beobachteten, insbesondere auch bei der Riickextraktion von Be aus 
einer Be-TTA-I Osung durch konz. HCl, wahrend andere Elemente diesen Effekt nicht zeigten 
Herrn Prof. Dr. F. StRASSMANN méchten wir fiir sein forderndes Interesse herzlich danken. Dem 
Bundesministerium fiir Atomkernenergie und Wasserwirtschaft sind wir fiir finanzielle | nterstiitzung 
zu Dank verpflichtet 
{norganisch-chemisches Institut H. L. ScHerrt 
Universitdt Mainz G. HERRMANN 


R. A. Botomey und L. Wisu, J. Amer. Chem. Soc. 72, 4483. 4486 (1950) 


Isotope effect in the electromigration of lithium ions in agar-agar gel 


(Received 23 March 1959; in revised form 21 July 1959) 


NATURAL lithium consists of 7-98°% *Li and 92 02°, "Li. The former has a cross-section of 930 barns 
for thermal neutrons which is some 10.000 times that of *Li. The lighter isotope Is a convenient 
source of tritium by the *Li (n, x) T reaction of importance to thermonuclear processes, while ’Li in 


the fused metallic state could serve as a nearly ideal heat exchanger 
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Notes 


lysis zeolite exchange,"*’ elution chri matography, solvent ¢ 


countercurrent and zone clectro nigration in fused salts K 


separation by zone electromigration in iwar-agar ecl. MADORSKY « 


separ ion OF pot issium chiorime and coppe by counte C 


aqucous solutions 


In view of the simplicity of the zone as against countercurrent clec 


the determination of the relative ionic mobility, and the negative isotope ¢ 


ition of Li 


the present work on zone electromig IONS IN agar-ag c 


instructive to compare the associated sotope efiect with the 


results ret 


migration of the series of alkali ions in fused sodium nitrate 


Experimental 


The method employed was similar to that of KENDAL! & meter-lor 
was filled to about 90 cm length with a 2-5 solution of Bactogar (D 


containing | of ammonium nitrate, heated to 50 C and allowed to s« 


gel but containing, in place of ammonium nitrate. an equivalent am 
A trace of *2Na had 
The tube 


nitrate (gel Il) was allowed to set on the top of gel | 


rhe remaining space in the tube above gel I was filled with gel | 


gh which a | 


its ends communicated with electrode compartments throu 


nitrate was kept flowing continuo 


was effected with 150 V and a current of about 35 mA 


sly to minimize local changes of compo 


When the experiment was stopped after about 24 hr the rise in tempe 


The entire column of the gel was withdrawn on a glass plate and the pe 
with a G.M 

the migration distances of the two alkali ions would be nearly in the 
This ratio for Na* to Li 


agar column was next sliced into 5 mm sections over the “lithium region 


counter. This served to locate the approximate position of 


is Known to be of the order of 1-3 under the c 


in 25 ml of water, filtered through sintered glass and the total lithium conte 


Elmer flame photometer. This last is shown by the curve of Fig. | as 


origin. The total lithium in the zone resulting 


Li, 


mg 


after electrophores Ss 


which corresponds to 4 


underneath the curve of this figure is 502 ,: 


amount of the salt initially taken was about The réle of diffusion. e 


electre 


the nature of the gel on the spreading of the zone resulting after 


isotope ratio (*Li/*Li) was next determined for each of these samples w 


spectrometer provided with a single filament solid-ion source which had 


lithium analysis by CHEMLA 


Results 


Figs. | and 2 show, as a function of distance from the origin. the dist: 


the variation of the isotope ratio (*Li/*Li) respectively. From these deter 
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is computed 
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of the two isotopes could be readily calculated. This last when plotted gives curves similar to I ig. I, 
but with a small displacement. The shift A/ in the centres of gravity of the distribution curves for 
"Li and *Li was next computed. From this the relative difference of ionic mobility was evaluated from 
the relation Av/y \//1, where / is the distance of migration of the total lithium. The value for the 


A 
40} 


Distance from origin, om 


ribution of Li alter electromigration 


Fic. 2.—Variation of isotope ratio ‘Li/*Li in the lithium zone after electromigration 


relative difference of ionic mobility of the two lithium isotopes (Av/r) thus found is 0-0036. From 
this, the Mass OF isotope effect, as originally defined by KLEMM. " viZ.. 


Av/t 


Am/m 


is found to be 0-023. The relative difference of ionic mobility (Av/v) fo; a pair of isotopes depends 


on their relative difference of mass (Am/m) as well as on their absolute masses. The quantity y, 
therefore, serves as an index for the comparative isotope separation by different methods 

The above results show that a separation of the lithium isotopes occurs in the zonal electro- 
migration in agar-agar gels. This is perhaps the first positive result in this type of media after 
KENDALL’s work, 

Fig. | shows that for a total migration of 67 cm, the zone has a spread of about 10cm. The values 
of the ratio *Li/*Li observed at the cathodic and anodic ends of the zone are 8-8 and 15-2, that for 
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natural lithium being 11-7 under the conditions of the experiment. The present isotope effect (0-023) 
is much smaller than the value found earlier (0-089) for lithium nitrate in the (Na. K)NO melt of 
minimum melting point," According to LeNaRrD, nineteen ter molecules are associated with 
a Li* ion in aqueous media. This masks appreciably the effective mass difference of the two isotope 
in the “dry” to I in 349 in the hydrated state. This could explain in part the 400 

larger isotope effect in the fused medium, in which effects of s vation appear to be relatively 
insignificant 


ions from 1 in 


Acknowledgement—Grateful thanks are due to late Professor F. Jovior-Curte in whose laboratories 
the above work was carried out. and to Dr CuHeMLA for valuable guidance 


Laboratoire de physique et Chimie Nucléaires H. J. ARNIKAR* 
Collége de France, Paris 


* Present address: Dept. of ¢ hemistry, Banaras Hindu University, B 


lon-exchange behaviour of mendeleyium 


(Received 27 


Vay 1959) 


DuRING the course of experimentation to produce new isotopes of mendelevium (element 101). the 
elution position of this element from cation-exchange resin columns was determined relative to the 
elution peaks of actinide and lanthanide elements Mendelevium-256 was prepared by a recoil 
technique similar to that reported in the discovery of element 101 

An einsteinium-253 target (containing 2 10"' atoms electroplated on a 0-07 cm? area) was 
bombarded with 29-MeV helium ions in the 60 in. cyclotron at the Crocker Radiation Laboratory 
and the transmuted recoil nuclei were caught on a 0-1 mil-thick gold “catcher” foil placed adjacent 
to the target. With beam intensities of 25 “A, as many as one hundred atoms of “*My could be 


produced per experiment 


At the end of bombardment. the gold foil was quickly dissolved in agua regia containing actinide 
and lanthanide tracers to serve for internal calibration of the resin columns. The active fraction was 
separated from the gold by sorbing the latter on a Dowex A-] 10 anion resin column from a 


2 M HCI solution. The drops containing the actinide fraction were evaporated to dryness: the 
residue was dissolved in 0-05 M HCI and transferred to a5Scm 2mm Dowex-50 12 cation resin 
column. After washing with two drops of water, the activities were eluted in sequence with 0-23 M 
ammonium «-hydroxy isobutyrate solution (pH 4-62) at 87'C. The eluant was caught on platinum 
counting disks (1 drop plate per min, 13 wl drop), evaporated to dryness, and the plates were flamed 
and then counted individually for fission alpha, and beta activity. A typical elution curve is shown 
in Fig. 1 

The fission activity in the fermium fraction decayed with the 160 min half-life char icteristic 
of **Fm 

In the mendelevium fraction, “**Mv was identified by observation of its electron-capture-decay 


daughter,"'’ “*Fm, as follows. The mendelevium fraction was passed through a second cation resin 
column, thus separating the daughter **Fm which had grown in after t! ¢ first separation. The 2°*Fm 
was Observed to decay by fission with a half-life of 160 min Also *°*Fm, as expected grew into the 


new mendelevium fraction as found by GHiorso et al. in earlier experiments 
lo facilitate comparison, the elution positions are discussed in terms of the separation factor, S, 


relative to curium, 


A. Guiorso, B. G 
(1955). 
L. Puitups, R. C. A. Cuesne, M. L. MuGa and S. G. THompsow Phys. Rev. Letters 1, No. 6 (1958) 


Harvey, G. R. Cuoppin, S. G. THompsow and G. 7 SFABORG, Phys. Rev. 98, 1518 
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2 


Actinides. 95 97 99 


Lanthonides: 63 65 67 69 
Atomic number 


Fic. 2.—Separation factor as a function of atomic number. 
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where V, is the volume eluted when the concentration of x in the eluate is greatest, V..., is the volume 
eluted when the concentration of curium in the eluate is a maximum, and C is the free column volume 
In Table l are listed the measured separation factors'*.! of the lant! inide and actinide clements 


relative to curium 


Taare | SEPARATION FACTORS (RELATIVE TO CURIUM) FOR AMMONIUM 


%-HY DROXYISOBUTYRATE ELUANT 


Separation 


factors 


Separation 


factors 


Element Element 


0-038 0-008 * Lu 0-016 
M\ 0-050 0-005 Yb 0-022 
Fm 0-069 Tm 0-029 
0-13 Er 0-038 
Cf 0-20 Ho 0-046 
Bk 0-45 Dy 0-075 
Cm 1-00 Th 0-14 
Am 1-45 Gd 0-29 
y 0-06 Eu 0-4] 


Predicted value 


In F ig 2,a plot of the separation factor vs the atomic number Z. it may be noted that the separa- 
tion factor of 0-050 ~ 0-005 for mendelevium cor responds to that expected for ekathulium, supporting 


again the actinide hypothesis and agreeing well with earlier results The actinide line may be 
extrapolated to predict a separation factor of 0-036 ~ 0-008 for element 102 

It should be noted that the elution position given for mendelevium in this paper was obtained 
using much larger amounts of radioactivity and a true elution peak was obtained. In the earlier work 


an estimate was made from a histogram which included eight events 
The authors wish to acknowledge with gratitude the tireless efforts during these experiments of 
the operating crew of the Crocker Laboratory 60-inch cyclotron. and e indebted to Tuomas ( 


PARSONS and Francis McCartuy for their aid during the early phase of these experiments 
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Magnesium(Il) iodide 6- and 2-ammoniates 
( Received 6 July 1959) 


IN connexion with other studies of reactions of iodine in liquid ammonia''’ we have examined the 
reaction between magnesium and liquid ammonia solutions of iodine with a view to producing 
anhydrous magnesium(II) iodide.'* Although thermal deammoniation of the initial reaction product 
failed to provide the pure iodide, the 6- and 2-ammoniates were isolated and characterized as follows 


G. W. Watt and D. R. Foerster, Forthcoming publication 
* Cf. E. C. FRANKLIN, J. Amer. Chem. Soc. 38, 1454 (1913) 
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lwenty millilitres of liquid ammonia and 1-275 g of iodine in one leg of a modified Faraday tube 
| 


t 75° was added to 0:1209 ¢ of magnesium contained in the other leg. As the temperature was 
ncreased to 25°. the magnesium dissolved, nitrogen''’ and hydrogen were liberated, and a white 


rystalline solid separated. The latter was washed with liquid ammonia and dt ied in vacuo. (Found 
Me. 6°58: 1,66°7: N, 21-8 Calc. for Mgl,-6NH,: Mg, 6-39; 1, 66:7; N, 221%.) X-ray diffraction 
i ire given in Table | 
TABLE |.—-X-RAY DIFFRACTION DATA FOR 
MAGNESIUM(II) IODIDE 6- AND 
2-AMMONIATES 
Mel. 6NH Mel, 2NH 
\ d,A 
5-49 0 4-4] 0-6 
1-0 +14 0-4 
3-17 0 1-0 
2:75 0-5 2:53 0-6 
2-45 0:5 2:22 0-4 
2-25 0-6 1-98 0-4 
1-94 03 1-94 03 
1-83 0-2? 1-8] 0-6 
1-74 03 1-78 0-3 
1-66 0-2 1-55 03 
1,47 0-3 1:46 0-3 
* Dat ) ed using CuK, radiation, an Ni filte 
be we of 35 kV, a filament current of 15 mA 
ind exposure times of 6-4 hr Relative intensities were 
estimated visuall’ 


Less intense lines not included here 


4 1-508 g sample of Mgl,-6NH, was heated at an average rate of ca. 0-3 /min in a closed system 


such that volatile products could be collected and non-volatile products subsequently examined 


hout exposure to the atmosphere. Over the temperature interval 28-200, 337 cc of ammonia 
(calc: 355 cc) was liberated and a quantity of ammonium iodide that was too small to weigh, but 
which was identified by means of an X-ray diffraction pattern, sublimed out of the sample container 


residue was found to consist of magnesium(II) iodide 2-ammoniate (Found: Mg, 7°82; 


|, 79-7: N, 9-4 Calc. for Mgl,-2NH Mg, 7°97: I, 81-3; N, 8-98"), X-ray diffraction data for 


hich are included in Table 1. When, in similar experiments, the 2-ammoniate was heated to higher 
temperatures, there was no further gas evolution between 200 and 280 , but between 280° and 400 


trace of nitrogen and ammonia amounting to 92 per cent of that calculated for complete deammonia- 


tion was evolved. There was no additional gas evolution between 400 and 600 The non-volatile 


esidue consisted of a light gray solid (Found: Mg, 9-26: 1, 90-4; N, 0-09 I/Mg, | 87. Calc. for 
Mel Mg, 8-74; 1, 91:3°%,). This product gave a satisfactory X-ray diffraction pattern, but the data 
ire not included here in view of the composition found Although the pattern included lines corre- 
sponding to d-spacings attributable to magnesium nitride, the data were not sufficiently conclusive to 
constitute an unequivocal identificatior if the nitrogen content of the residue is interpreted as 
Meg.N, and the analytical data are corrected accordingly, the I/Mg ratio is 1-92, thus indicating the 
presence of still other constituents. It is probable that this product was contaminated with an 


ammonobasic iodide of magnesium 
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In view of these and other"! results, it is apparent that the ammoniated iodide results from the 
reacuions, 
31,  8NH,-- 6NH,I N 


Mg + 2NH,I 4NH, + Mgl,6NH Hi 
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AT-~(40-1)-1639 
G. W. W 
Department of Chemistr) D. R. Foerster 
The University of Texas 
Austin, Texas 
Thorium(IV) amidoiodides 
(Received 17 July 1959) 
IN an earlier communication from this laboratory, we interpreted the reaction between thorium(II1) 
iodide and liquid ammonia as leading to the formation of hy a the 4-ammoniate of 
thorium(1V )amidotriiodide Subsequently, we observed that the X iction data i ertentty 
attributed to Th( NH,)I,4NH correspond to those for ammonium iodide. We have re-examined the 
reaction products in question and have found that extraction of © ammonia-soluble products 
(following complete removal of the solvent) with either metnhan icetone under anhvdrous 
conditions provides a separation of ammonium iodide which was identif ed by analysis as well as by 


X-ray diffraction data 
Accordingly, an alternative interpretation of the reactions in question is required: such is 
presented here together with some additional experimental data that are related to this interpretation 
rhe analytical data previously published in support of the reaction 


rhi, SNH, -+ Th(NH,)L,4NH 12H (1) 


are equally compatible with either of the reactions 2a. b. c, Or any combination thereof 


Thi, SNH, Th(NH,),1,-2NH 12H (2a) 
Thi, SNH, -+ 12H, 2NH,I (2b) 
Thi, SNH, Th(NH), 1/2H 3NH,I (2c) 


Alternatively, reaction (1) may indeed occur and be followed by reactions (3a. b. c) as the temperature 
is raised from —33-5 to 25 


Th(NH,)1,.2NH, — NHI (3a) 
Th(NH,),1 2NH,I (3b) 
Th(NH), 3NH\I (Ge) 


hus, either reactions (2) or reactions (1) and ( 3) would account for the observed hydrogen evolution 
the analytical composition of the ammonia-soluble products, and the presence of ammonium iodide 
in these products 

There remains, of course. the question as to whether ThiNH,)I,-4NH, forms and subsequently 


decomposes, as suggested above. If this species is stable at or below 33-5, and if the rate of reaction 


of thorium(IV) iodide with potassium amide is sufficiently greater than the rate of ammonolvsis of 


G. W. Wart, D. M. Sowarps and S. MALHOTRA, J. Amer. Chem. 79, 4908 (1957) 
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Notes 


the iodide, a possible inde pendent synthesis of the amidotriiodide might be carried out in accordance 
with the equation, 


KNH, + 4NH, Th(NH,)I,4NH, KI (4) 


As shown by the data given below, the amidoiodide formed by treatment of thorium(IV) iodide 
with potassium amide in liquid ammonia at 33:5. is the ammonia-soluble 3-ammoniate of the 
diamidodiiodide. The composition of the gross ammonia-soluble product can be accounted for by 
assuming that the primary reaction is, 


Thi, 6NH, -- Th(NH,)I,,4NH, + NH,I (5) 


However, itis known"? that the thorium containing products of the direct ammonolysis of thorium(IV) 
iodide are not restricted to the pure amidotriiodide, hence it follows that the diamidodiiodide must 


result from a secondary reaction with potassium amide, 
ThNH,)L,4NH KNH, + Th(NH,),1,3NH, Kl NH (6) 


: this interpretation is correct, the ammonia-soluble product should consist of equimolar quantities 

’ ThONH,),1,-3NH,, KI, and NH,|I; this is confirmed by the data given below 

Finally, it should be pointed out that a secondary amide ion-catalvsed ammonolysis m ight be 
Suggested as an alternative to reaction (6). This possibility cannot be ruled out by any presently 
data 

Experimental 

Ina typical case, 20660 g of thorium(IV) iodide was treated with ca. 50 ml of anhydrous liquid 
immonia at 33-5 whereupon most of the solid dissolved readily but a small quantity of suspended 
solid remained upon agitation and further dilution. This mixture was treated dropwise with ex actly 
one molar equivalent of potassium amide solution over a period of 30 min. Gas evolution was not 
observed and the quantity of ammonia-insoluble solid remained a ipparently unché inged. The reaction 
mixture was filtered and the insoluble product was washed five times with 5 m! portions of ammonia 

The residue that remained u ipon complete removal of the solvent from the combined filtrate and 
washings consisted of 2-354] g of white solid that gave an X-ray diffraction pattern characteristic of 
potassium iodide and ammonium iodide. (Found: Th, 26-9: I, 58-1: N.9 20; K, 4:30. Calc. for 
an equimolar mixture of Th(NH,),1,-3NH,, KI, and NH,I: Th, 26-4: I. §7-7: N, 9°55; K, 4-44.) 

hese data account for 99-1 per cent of the ammonia-soluble product, and the thorium content of 

this fraction accounts for 92-7 per cent of that used as Thl,. Analysis of the small ammonia-insoluble 
fraction accounted for 7:57 per cent of the thorium used as Thi,. £ xcept to establish that this fraction 
also contained iodine and nitrogen (but not potassium), the yellow-gray and apparently amorphous 
ammonia-insoluble product was not investigated furthe: 
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LETTERS TO THE EDITOR 


Separation of carrier-free indium-111 from silver by ion exchange* 


(Received 20 July 1959) 


Pure carrier-free '''In is required to measure the activation energy of desorption of indium from 
metal surfaces using a radio tracer method. The '''In was obtained by bombarding a 99-999", Ag 


target with alpha particles 


Kraus and Netson''”’ showed that tracer amounts of indium and silver present in HCI solutions 


may be separated by means of an anion exchanger. To separate '''Ir from macro amounts of silver, 
the indium was first retained by an anion resin from 4 N KCN solutions and then absorbed and eluted 
from HC] solutions. The distribution coefficient D, of In on Amberlite CG 400 in 4 N KCN was 
found by the equilibration method to be approximately 500, the D. of Ag in 4 N KCN less than 10 

The silver target was anodically dissolved in dilute H NO,, and the silver nitrate solution containing 


the In was evaporated to dryness and dissolved in 4 N KCN The resulting 


ing 


: solution was then 
passed through a small anion exchange column previously treated wit! 4N KCN. After washing 
with 4 N KCN solution and water the indium was eluted with | N He 

For further purification, the '''In was absorbed and eluted on sma columns consecutively from 
9 N HCI, | N HCl and 3 N HC! solutions. After evaporation of the last In eluate no visible deposit 
was seen. The amount of '''In estimated by gamma-ray measurement was 10'' atoms. Spot tests 
indicated that it contained less than 


0-05 


Ag 0-005 
Cd 0-05 
Cu 0-03 


0-05 
0-04 
0-03 
0-03 
0-004 
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the bombardments 
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Letters to the editor 


Phosphinoborine polymer rings and chains from tetramethyl biphosphine * 
(Received 22 July 1959) 


THE new biphosphine P,(CH,), forms the adduct P.(CH,), 2BH,, heating of which gives almost 
exclusively the trimer and tetramer of (CH »).PBH, However, the mono-borine adduct P.(CH,), BH, 
on heating gives an equimolar yield of (CH,),.PH along with the polymerized (CH,),PBH, unit. Some 
of this forms the trimer and tetramer, but much appears as a higher polymer wherein it appears that 
(CH;),PH has electron-donor action in bonding to boron in the (CH,),PBH, unit. Then P in that 
unit can have the same action toward a second unit. so developing a chain of many (CH,),PBH, units 
The resulting polymer has plastic character, and as shown in the accompanying Letter, fairly high 
molecular weights can be achieved by the use of various bases for similar chain-supporting action 
This principle was indicated earlier for the far less stable {(€ H ),N},BH 10(CH ) NBH, - 

Tetramethylbiphosphine. The reaction (CH NP(CH,), ~ (CH,),PH (CH,),NH P(CHs,), 
at 90-100 soon reached an equilibrium at 65 per cent completion. The biphosphine was isolated and 
the process repeated with the remaining mixture until the yield approached 90 per cent; then the 
amine was removed by the calculated amount of HCI. making the yield of P,(CH,), nearly quanti- 
tative. It melted near —2-1°: b p. (extrap.), 140°. A pure sample in a sealed Pyrex tube remained 
stable up to 300° but rearranged at higher temperatures. The formula was checked by the mol. wt 
(122-8; calc., 122-1) and quantitative synthesis of the CH,I adduct P.(CH,).I 

The double borine adduct. The compound P,(CH,),:-2BH,, of structure presumably like C,(CH,),, 
was made from P.(CH,), (1-154 mmoles) and B.H, (1-159 mmoles; 0-006 recovered), warmed from 

44to —5 during 15 hr. The vapour tensions of this solid (63-93 ) gave the equation lO 19 Pm: 
13-82 5200/7. It was unaffected by heating 5 hr at 154° but during 20 hr at 170-200 it gave 
{(CH,;),.PBH,], in 75 per cent yield and [(CH,),PBH,], in 15 per cent yield. There was a trace of 
(CH;).PH, 6 per cent more than the calc H,, and an acetone-soluble gummy material represented 
roughly by the formula [(Me,P),B,H,] 

The single-borine adduct and the linear polymer. The reaction of 0-480 mmole of B,H, with 0-960 
mmole of P,(CH;), (10 hr, —60 to —8°: then heated to 100°) left 16 per cent unused P,(CH,), 
E vidently the bonding of BH, to one P atom does not seriously decrease the BH -bonding power of 
the second P atom, from which BH, is not taken away by P.(CH,), even at 100. The BH , group may 
well share some of its B—H bonding electron-cloud with phosphorus orbitals above the valence 
octet,'*’ largely compensating phosphorus for the electron-withdrawing effect of the P—B dative 
sigma bond 

This mixed product at 174° (70 hr) gave 0-935 mmole (97-4 per cent) of (CH,).PH, with recovery 
of 0-022 mmole of P.(CH,), and a 42.3 per cent yield of [(CH,),PBH,],,. The thermoplastic 
white residue at 330 (20 hr) produced 0-139 mmole of H,, 0-021 mmole of (CH ),PH and a further 
46°8 per cent yield of (CH,),PBH, as trimer and tetramer The formation of hydrogen would Suggest 
that some of the (CH,),PH-{(CH ),PBH,],, chains had been terminated by BH, groups, reactive 
toward (CH,),PH when this was released by conversion of the chain to rings 


Department of Chemistry A. B. BurG 
University of Southern C alifornia 
Los Angeles, California 
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monitored by the Materials Laboratory, Wright Air Development Center, Wright-Patterson Air Force 
Base, Ohio 
) A. B. BurG and R. I. W AGNER, J. Amer. Chem. Soc. 78, 372 (1953) 
*) E. WiperG and A. Bowz, Z. Anorg. Chen 257, 136 (1948) 

A. B. BurG and C. L. RANnpo1 PH, Jr., J. Amer. Chem. Sox 73, 956 (1951) 
* W. A. G. Granam and F. G. A. Stone. J Inorg. Nucl. Chem. 3, 164 (1956) discuss a similar idea. 


Vol, 
11 


“J 

258 

4 

1950 

i 
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Linear phosphinoborine polymers! 
(Received 22 July 1959) 


RECENTLY, BURG and WAGNER and BurG"® pyrolysed dimethy!phosphine borine and tetra- 


methylbiphosphine borine to obtain the very stable cveclic dimethylp osphinoborine trimer and 
tetramer along with some uncharacterized white polymeric materia Their observation of this 
material led us to seek a method by which a practical synthesis of highly polymeric phosphinoborines 
could be effected. We now wish to report the preparation in substantial yield of two presumably 
linear phosphinoborine polymers, one of which has interesting plastic properties. The preparation 
of these polymers is considered an encouraging step forward in the quest for thermally stable linear 
polymers having basically inorganic structures 

In a 6-4 mmoles vacuum line experiment, pyrolysis (200 , 17 hr) of dimethylphosphine borine 
and 10 mole per cent of triethylamine produced a 45 per cent yield of brittle, white, translucent 
dimethylphosphinoborine polymer, m.p. 164-8° (corr. ; amorphous powder from benzene) (Found: 
C, 33:78; H, 11-61: Cale. for C,H.PB: C, 32-51: H. 10-91.) rhe other products were hydrogen 
(96°8 per cent yield) and a mixture of trimer and tetramer (50-2 per cent yield). In other experiments, 
the use of bases such as dimethylphosphine, trimethylphosphine, trimethylamine and tri-n-buty lamine 
was found to give about the same results as triethylamine. A large scale pyrolysis conducted in a 
stainless steel vessel with 45 mole per cent of triethylamine present yielded 34-3 g (49 per cent) of 
polymer, m p. 170-2 (corr.), mol. wt. 6014" (Degree of polymerization 80). The polymer is 
insoluble in most common organic solvents but is soluble in hot benzene Cooling a hot, dilute 
benzene solution of this polymer results in a very thick gel 

By a procedure similar to that described above. methylethylphosphine borine gave a 43 per cent 
yield of translucent, white, plastic polymer, m p. 118-126 (corr.) (Found: C, 41-15: H. 11-51 
Calc. for C,H,,PB: C, 40-98: H, 11-46.. mol. wt 1836'" (D.P 21). This polymer, although 
fairly low melting, has interesting plastic properties 

The infra-red spectra of both polymers show the presence of the BH group 

On the basis of the method of preparation, physical properties, solubility and gel formation in 
benzene, and the known tetracoordinate cyclic structures of dimethylp! sphinoborine trimer‘?-* 
and tetramer,'*’ the structure assigned to the new polymers is a linear chain of repeating, tetra- 
coordinate R,PBH, (R CH, or C,H,) units. Linearity presumably arises by successive additions 
of phosphinoborine monomer units to an end group originally consisting of a triethylamine- 
phosphinoborine monomer complex his process is illustrated below for the pyrolysis of dimethyl- 
phosphine borine in the presence of triethylamine 


(CH,),HPBH, ——» (CH,),PBH, H 
(CH,),PBH, (C,H,),N ——> 
(CH,),PBH,N(C,H,), + n(CH,),PBH, ——> 


The end group complex renders cyclization to trimer and tetramer less fa vorable and indeed to obtain 
the same rate of hydrogen elimination from dimethylphosphine borine requires a higher temperature 
(200 ) in the presence of triethylamine than when alone (150 ) 

An alternate but highly improbable structure for the polymers is a macro-ring of 20-80 R,PBH, 
units 
I. WAGNER 
F. Caserio, Jr 


R 
F 


American Potash & Chemical or poration 
Whittier Research Laboratory 
Whittier, California 
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: Isopiestic method. C, E. Cuitps, Analyt. Chem 26, 1963 (1954) 
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SPALLATION REACTIONS OF CALIFORNIUM-252 
WITH HELIUM IONS 
T. SIKKELAND,* S. AmieLt and S. G. Tuompson 


Lawrence Radiation Laboratory and Department of Chemistry 
University of California, Berkeley, California 


(Received 23 February 1959) 


PREVIOUS publications from this laboratory have given results forexcitation functions of 
spallation reactions on heavy elements in the region of Z > 90 with helium ions.¢— 
The heaviest element studied in detail was “°Cf. The purpose of the work presented 
here was to obtain information concerning the reactions of helium ions with “Cf. the 
heaviest nucleus available in sufficient amount for such studies at the time of this 
investigation. An additional objective of the work was to verify previous values for 
some decay properties of the isotopes produced. 

The **Cf was prepared from ™°Py by successive neutron-capture and b-decay 
reactions in the Materials Testing Reactor. The separated californium containing 
249 ,250,251,252Cf was put back into the reactor and irradiated again with neutrons for 
approximately eight months to convert all light californium isotopes into =2Cf. The 
*2Cf used for the target contained <2 percent of **Cf and negligible amounts of the 
other isotopes. 

The **Cf (2-4 x 10-8 ug) was chemically purified and electroplated as a uniform 
thin deposit on a 0-002 in. thick gold foil in an area of 0-05 cm?. A measured amount 
of “Cm was added in the electroplating step in order to use its well-known (x,2n) 
excitation function as an internal standard for the cross-section measurements. The 
bombardments were carried out at the 60 in. cyclotron of the Crocker Laboratory, 
using a catcher-foil technique with the deflector channel target assembly previously 
described. 

The energies of the incident helium ions were reduced to the desired values with 
aluminium absorbers. The recoil products were collected on gold foils of about 
5 mg/cm? thickness. The gold was dissolved in a mixture of hydrochloric and nitric 
acids. The gold was then separated from the spallation products by sorption on a 
column of Dowex A-1 anion-exchange resin and the spallation products were electro- 
plated on a platinum disc. The fermium, einsteinium and californium isotopes were 
identified by measurements of their decay properties? in an ionization-grid 


* On leave from JENER. K jeller, Norway. 
t On leave from Israel Atomic Energy Commission, Hakirya, Tel Aviv, Israel 
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chamber with a forty-eight channel «-particle pulse-height analyser. The decay of the 
various «-particle peaks was usually followed through several half-lives. In some 
cases the fermium, einsteinium and californium were separated from each other in the 
final step by elution with ammonium-z-hydroxy isobutyrate from a column of Dowex 
50 cation-exchange resin.” 


° 2 
z 
w 
2 ° 
« 
= 


4s 


HELIUM ION ENERGY (Mev) 


Fic. 1.—Excitation function for **Cf 
(x%,.xn) reactions The open squares (_)}) 
are a(x,4n), the open triangles (/\) 
are o(x,2n) and the solid circles (@) are 
o(a,3n). Errors given are statistical errors 


5 4 


HELIUM ION ENERGY (MeV) 


Fic. 2.—Excitation function for "Cf 


(x,pxn) reactions. The open circles (©) are 
o(%,pn) o(x,d) for production of the short 
lived isomer of **E. The cross-section for 
the long lived isomer was less than 5 milli- 
barns. The solid circles (@) area(x,p2n) 


o(z,t). The upper limit for o(a,p) was 0-5 
millibarns. Errors given are statistical 


errors 


The cross-sections measured are shown in Figs. | and 2, as a function of the 
energy of the helium ions. The errors given are statistical errors. The broad features 
of the excitation functions are similar to those of other very heavy isotopes, the 
interpretation of which has been discussed by other authors.“ 

The product of the («,3”) reaction **Fm was found (by following the decay of 
its a-particles) to have a half-life of 3-0 + 0-2 days. Its most abundant <-particle 
group had an energy of 6°95-+ 0-05 MeV. A lower a-group of about 6°90 MeV 
energy seemed to be present, in which case the measured ratio of the 6-95 to the 
6:90 peak would be of the order of four. The **Fm decay was also followed by 
observing the corresponding growth of its electron-capture daughter, *°E, in the 
fermium fraction. The rate of formation of *’E was consistent with the over-all 
half-life of 3 + 0-2 days for **Fm, and the amount of it formed gives an electron- 
capture to «-decay branching ratio of 8-5 + 1-0. A previous publication on **Fm 
reported an «-particle energy of 6-94 MeV, a branching ratio of 8-5, and a half-life 


') G. R. Cuoppin, B. G. Harvey and S. G. Tompson, J. Inorg. Nucl. Chem. 2, 66 (1956). 
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of 4-5 + 1-0 days.“ The similarity of the excitation function with other z,3n) reactions 
in the heavy element region is a confirmation of the mass assignment. 

The products of the (x,2) and (x,4n) reactions. namely and have 
similar half-lives and «-decay energies. Thus satisfactory resolution of these isotopes 
could not be accomplished in the pulse-height analyser used, and the reaction yields 
are rather uncertain. The curve shown in Fig. 1 for the (x,n) reaction, therefore. 
includes the contribution from the (x,4n) reaction. How ever, the (,”) curve shown 
must give the true values for the (x,n) cross-sections below the energy corresponding 
to the threshold for the (z,4n) reaction, which is 31 MeV. \n extrapolation of the 
(zm) curve above 31 MeV was made, based on the shape of the (%,n) excitation 
functions of °U obtained by VANDENBOSCH ef al. Subtraction of the (x.n) cross- 
sections obtained in this way from the sum of the measured (a.m) and (x,4n) yield 
gives an (x,4n) cross-section at 40 MeV of about 1-2 -— | millibarns. The peak of 
the (z,4n) excitation function should occur at about 43 MeV, and it would be of 
interest to extend the measurements to higher energies in order to obtain more precise 
values for the cross-sections and thus more information about the influence of the 
152-neutron subshell. 

lhe (x,2n) excitation function is characterized by a peak around 29 MeV resulting 
from neutron evaporation. The high tail at higher bombarding energies is a result 
of direct processes which increases the probability for the residual nuclei to be left 
at an excitation energy below the fission threshold: therefore relatively high cross- 
sections are observed as compared to the cross-section for the evaporation process. 

The (x,p2n) reaction proceeds mainly through an (x,r) stripping mechanism‘? 
leaving the residual nuclei at low excitation energy and therefore relatively high 
cross-sections are observed. 

The (x,pn) cross-section for the production of the short lived isomer of 4E js 
as high as the (x,2) cross-section at 40 MeV. The (%,pn) reaction mechanism cannot 
be established from an excitation function curve. There is experimental evidence 
that an (x,d) stripping similar to the (x,t) stripping plays an important part. In 
addition to stripping, (x,p) knock-on followed by an evaporated neutron or possibly 
(x,pn) knock-on probably contributes a significant amount to the cross-section.‘ 

The upper limit of the (,pn) cross-section for production of the long lived isomer 
was less than 5 millibarns. The upper limit for the (x,p) reaction was 0-5 millibarns 
in the energy range studied. 
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THE CALCULATION OF LATTICE ENERGIES 


M. F. C. Lapp and W. H. Let 
Chemistry Department, Battersea College of Technology, London 


(Received 13 February 1959) 


Abstract—The calculations of lattice energies of ionic crystals from an electrostatic model, and from 
a modified Born—Haber cycle, are discussed. An equation is developed for calculating lattice energies, 
using the most readily available experimental data; the results are at least as reliable as those from 
other methods of calculation. The use of the Born—-Haber values as a test of the accuracy of such 
calculations is examined, with reference to the probable errors of values of electron affinity. It is 
shown that lattice energies may be obtained from solubility data, if the relevant enthalpies of hydra- 
tion are known. 


THERE has been recently a revival of interest in the electrostatic calculation of lattice 
energies, and the results have been discussed, amongst others, by Morris,’ KAPUus- 
TINSKH, and HuGGINS and SAKAMoTO.™ The results are usually compared with 
the “experimental” lattice energies obtained by the application of the Born—Haber 
cycle. Where the two values are in good agreement, it has been inferred that there 
is little departure from ionic character in the salt concerned." In this paper, we 
attempt to assess the accuracy and applicability of both approaches by considering 
each of the terms involved; some of the limitations in the calculation may be over- 
come by a new equation, or by the use of solubility data. 


THE BORN-HABER CYCLI 


The extended Born-Haber cycle'’) is represented diagrammatically in Fig. 1, in 

which, as throughout this paper, 7° refers to the temperature 298-16°K. AH, in 
this cycle represents | C, (cryst.) dT, and is always a positive quantity. AH, is the 
heat of formation of the crystal at T° from the elements in their standard states: 
for all stable crystals, it is a negative quantity. Sy is the heat of sublimation of the 
metal at 7”, and /,, the ionization potential (or strictly the ionization energy at 7”) 
of atom M, both terms being positive. D(X,) is the heat of dissociation of a mole 
of the element X, and is positive; E(X~), the electron affinity of X, is negative for 
the formation of a singly charged anion, but may be positive for multiply charged 
“1 

anions. AH, represents | C, (gas) dT, and is equal to 5/2 RT per gramme ion, 


assuming ideality of the gas. The lattice energy is an intrinsic energy representing 


’ D. F. C. Morris, Acta Cryst. 9, 197 (1956) 
A. F. Kapustinsku, Quart. Rev. Chem. Soc. 10, 283 (1956) 
M. L. HuGcarns and Y. Sakamoro. J. Phys. Sox Japan 12, 241, (1957) 
J. E. Mayer, J. Chem. Phys. 1, 327. (1933) 
J SHERMAN, Chem. 11, 93 (1932) 
*’ D. F. C. Morris, J. Inorg. Nucl. Chem 4, 8 (1957) 
”) M. Born and K. HuaNnG, Dynamical Theory of Crystal Lattices p. 35. Oxford (1954). 
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AU for the process: [M* (gas),0° + X (gas),0"}-»MX(cryst.),0°. However, if we 
define : 
U[M* (gas), 0° +- X~ (gas),0°] = 0, 


we may replace AU by the symbol U for the lattice energy, whence: 
AH, - AH, 4 Sy T § D(X,) T ly T E(X ) AH, U =0 (1) 


The equation allows the calculation of an intrinsic energy from heat data; this is 
permissible at 0°, since: AH = AU + PAV, and the last term is zero at O°K. 


U 
M* (gas), 0 + X>~ (gas), 0°— >MX (cryst), 0 
A 


AH. AH, 


(gas), T + (gas), T 


BX) \\ AH 
| 
M (gas), 7” X (gas), T MX (ecryst) T 
A A 


} D(X), 


M (cryst). 7 + 4X, (gas), T 


Fic. | The extended Born-Haber cycle 


For comparison with calculated lattice energies, which usually refer to 7”, it is 
necessary to modify the value of U, according to the equation 


AU, = AH, + (P,V, — (2) 


where P,V, refers to the state of ion-gas at T°, and P,V, to the state of the crystal 
at 7”. AU, is equal, therefore, to AH, + 1-2 kcal/mole, and is the term directly 
comparable with the lattice energy at T°. From Fig. | it is seen that AH, is related 
to U by: 

AH, = U + AH, — AH, (3) 


Thus, for comparison with the results of calculation, the Born—Haber cycle is re- 
presented most appropriately by: 


AU, = AH, — Sy — I — 4 D(X,) — E(X-) + 1-2 kcal/mole (4) 


It is considered that the best available values of AH. Sy. and D(X,) are to be 
found in the valuable compilation of thermodynamic properties by Rosa. = The 
ionization potentials have been taken from a more recent survey,” and electron 
affinities from the review of PrircHarD.” It should be noted that uncertainties 


' F. D. Rosstns, D. D. Wacman, W. H. Evans, S. Levine and I. Jarre, Nat. Bur. Stand. Circ. No. $00 
(1952). 

W. and W. Humaacn, Naturwissenschaften 42, 35 (1955) 

H. O. Parrcuarp, Chem. Rev. $2, 529. (1953) 
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of about + 2 kcal are inherent in these E(X~) values, but recent experimental deter- 
minations support the average values." This average value, however, has been 
derived largely from a comparison of calculated and “experimental” lattice energies 
for those compounds deemed most truly ionic; it must follow, therefore, that un- 
certainties of 1-2 kcal between the results of the two determinations are unavoidable. 


even in these cases. 


THE 


ELECTROSTATIC MODEL 


The first calculations of lattice energies were those of BoRN and LANpé."2) From 
the general expression: 


they derived, for the lattice energy U at the equilibrium distance r, at T°: 


Ae* 


‘(1 l/n) cal/mole 
Se 


Ure) 


where N is the Avogadro number, J is the Joule equivalent and e the electronic charge. 
A, the Madelung constant, has been evaluated for several simple structures.“® The 
repulsion potential B/r" was subsequently replaced by an exponential function” 
and Born and Mayer adopted this function, expressing the repulsion potential per 
molecule in the form: 


15.16) 


B(r,) = exp 


The constant ¢,, is defined by: cy, = 1 + Z,/N, + Z,/N, where Z, and Z, are the 
ionic charges, and N, and N, the numbers of electrons in the outermost shells, of 
ions of type | and 2. r, and r, are radii characteristic of the ions, and at first were 
identified with the Goldschmidt radii. The constant term 5,, is a function of the 
arrangement of the ions | and 2 in the crystal lattice. 

Subsequently, the values of r,; and ry were so assigned that a given ion had a 
constant radius throughout a series of similar structures, such as the alkali halides; 
they are thus empirical values, and differ considerably from the ionic radii in that 
they are defined only in terms of the repulsion potential, B(r,)."7" The evaluation of 
the term 4,, in B(ry) requires a knowledge of the compressibility and expansibility 
of the crystal; data pertaining to this latter property, however, are limited to a few 
compounds and are not very accurate.*2" Compressibilities have been extensively 
studied by BRIDGMAN," but extrapolation to atmospheric pressure leads to un- 
certainties in those cases where polymorphism exists.‘ 


1) T. L. Bamtey, J. Chem. Phys. 28, 792, (1958). 

12) M. Born and A. Lanpé, Verh. Dtsch. Phys. Ges. 20, 210 (1918) 
13) FE. MADELUNG, Phys. Z. 19, 524 (1918). 

™) L. PAULING, Z. Krist. 67, 377 (1928). 

1) M. Born and J. E. Mayer, Z. Phys. 75, 1 (1932). 

*) J. E. Mayer and L. Hetmuouz, Z. Phys. 75, 19 (1932). 

'”) M. L. HuGains and J. E. Mayer, J. Chem. Phys. 1, 643 (1933). 
8) M. L. Huacains, J. Chem. Phys. 5, 143 (1937): 15, 212 (1947). 
R. HENGLEIN, Z. Elektrochem. 31, 424 (1925). 

20) G. P. Baxter and C. F. Hawkins, J. Amer. Chem. Soc. 38, 266 (1916). 
'2)) P. BRIDGMAN, Proc. Amer. Acad. Arts Sci. 74, 21 (1940). 
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A more recent attempt to calculate lattice energies is based on the equation of 
BorRN and MAyEr (/oc. cit.). We write™: 


vir) Ae" Bexp(— D 

r p ‘iam r 4 
In this equation, U(r) is the lattice energy for an inter-ionic separation of r: A is 
again the Madelung constant and e the electronic charge: the term in B represents 
the repulsion energy: the terms C/r* and D/r* represent dipole-dipole, and dipole 
quadrupole interactions respectively, and the term 9/4hy,,,. represents the zero 
point energy. By utilizing the thermodynamic properties: (dU/dV),_, = 0, and 
8 = 1/V. 2U/dV*, we eliminate B, and evaluate p/r,, whence the lattice energy may 
be expressed in a form convenient for calculation: 


ro ro ra 4 
cal/mole (5S) 
in which p/ry is given by: 
E 6C 8D) 
—n cums | 
p ro ro ro J 


- (6) 


p ro ro ro 


In equation (6), Vy is the molecular volume of the crystal, and f is its compressibility. 
The constants C and D have been calculated by Mayer and Hucarns. The 
values are only approximate, but fortunately this is not very significant in the alkali 
halide series; we have estimated that 50 per cent errors in both the C and D terms 
affect the lattice energy, in the case of potassium chloride, by 0-5 per cent. Of the 
remaining quantities, the compressibility is probably the least reliable; however, 
for a lattice energy of 200 kcal/mole, a 20 per cent variation in # produces only 2-5 
per cent change in U(r,). In Table 1 we list the results of lattice energy calculations. 


DISCUSSION 

Equation (5), and the HUGGINs method of calculation, both give results in good 
agreement with the “experimental” values, for the alkali halides. However, the 
latter method assumes unique radii characteristic of each ion—the “basic”’ radii 
r, and r, (p. 3). The assignment of values to these radii is shown in Fig. 2, where 
possible values of r, are plotted against corresponding values of r,, for alkali metal, 
and halide ions. It will be seen that a radius may be uniquely assigned to each ion 
with a certainty dependent upon the number of available structures of similar type 
and degree of ionicity. If either of these properties varies for a series of compounds, 
unique basic radii cannot be assigned; this is the case with the silver and thallium 
halides, as shown in Fig. 3; hence the lattice energies of these compounds cannot 
be evaluated unequivocally by HUGGINS method. 

The HuGGins method makes use of an adjustable parameter p, and there is some 
uncertainty in affixing a value to it for a given series of compounds.) It can be 
2) M. F. C. Lapp and W. H. Lee, Trans. Faraday Soc. $4, 34 (1958). 


23) J. BE. Mayer, J. Chem. Phys. 1, 270, 327 (1933). 
') M. L. Hucotns, Phase Transformations in Solids p. 244. New York (1951) 
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ABM 


Fic. 2.—The assignment of basic radii to Fic. 3.—The attempted assignment of 
some of the alkali metal and halide ions basic radii to the silver and thallium 
halides, taking HuGaGins’s arbitrary 
value :'**’ r(Ag*) = 1-00 Lines 1, 2, and 3 
indicate the spread of r(TI*), on this basis. 


seen, therefore that r,; and r, are applicable only within the series from which they 

were derived and it is invalid to combine radii from different series; e.g. r,(Na*) Vol, 
and r,(O*-) from the alkali halide and alkaline earth chalcogenide series, respectively, 11 
in order to calculate the lattice energy of sodium oxide.:*® 


TABLE 1.—LATTICE ENERGY CALCULATIONS 


U(r,), eqn (5) U(r.), Huccins  AU/, eqn (4) 


195 200 199 
192 193 190 
165 168 165 
159 161 159 
149 152 150 
159 162 159 
176 176 169 
151 153 152 
221 221 226 
199 205 214 
193 199 212 
185 180 208 
164 173 
159 169 
152 164 


The distinction between the foregoing method and that represented by equation 
(5) lies in the calculation of the repulsion energies, and it is interesting to compare 


*) D. F. C. Morris, Proc. Roy. Soc. A 242, 116 (1957). 
**) D. F. C. Morris, Acta Cryst. 11, 163 (1958) 
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these for a number of compounds. In Table 2, B, is the repulsion energy calculated 
from basic radii; B, is calculated from the equation: 
p = 6C 
To \ To ro 


(7) 


ro 


which is an intermediate step in the formulation of equation (5).'*’ It may be observed 
that there is generally good agreement between B, and B,, the small discrepancies 
being reflected mostly in the values for the lattice energies. 


TABLE 2.—REPULSION ENERGY CALCULATIONS 


p* B, Pile B, 


0570 1435 0333 31 35 
KF 1235 1050 0333 32 31 
KCI 1235 1-435 24 «0-109 24 
KI 1235 1-750 0-333 0-106 
1370 «1-435. 0-333, 25 
CsF 1510 1050 0103.27 
1510 1-435) 0-333. 24 
AgF 100 O25 09838 
AgCl 100 1525 O25 30 00% 38 
AgBr 100 1620 O25) 28 0096-37 


Agl 1-00 1:76 0-25 44 0-097 38 


* p’ applies to the evaluation of B,; the value of p/r, for the 
calculation of B, is obtained from equation (6). 


The calculated and thermodynamic lattice energies shown in Table | differ appreci- 
ably in the case of the silver and thallium halides; the assumption of predominantly 
ionic models underestimates considerably their stability. We consider that there is, 
in these cases, an appreciable homopolar contribution, inadequately expressed by 
the terms C and D. 

The electrostatic models so far proposed deal only with crystals of high symmetry 
and simple structure, e.g. the rock-salt, rutile, and caesium chloride types. An attempt 
to extend the calculation to more anisotropic structures has been made by Kapus- 
rinskil.) In order to apply the equation: 


0 


ro 


he regards p as a constant, equal to 0-345 for “most crystals”, and relates (A — M) 
to (ry — =r), where A is the Madelung constant for a crystal of any type, M is the 
Madelung constant for the rock-salt structure, and =r, is the sum of the appropriate 
Goldschmidt radii. In this way, A, which is unknown for many crystals, may be 
eliminated; whence 


N,* 
287-2 | kcal/mole (8) 
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where =n, is the sum of the numbers of ions, of charges z,e and Z,¢, in the “‘molecule”’, 
Whilst this equation gives reasonable values of U(ro) for predominantly ionic 
structures, it leads to erroneous values in other cases; compare 


KCl AgCl CsCl 
AU, (Table 1) 165 214 152 kcal/mole 
U(r,), eqn (8) 163 173 149 kcal/mole 


Recently, lattice energies calculated by an equation analogous to that of BoRN 
and LANDE (loc. cit.) have been compared with the thermodynamic values, and a 
correlation drawn between departure from strict ionicity (A) and the ionization 
potential (Jy) of the metal. This is equivalent to considering only the change in 
polarizing power of the cation, rather than the mutual polarization of the ions. For 
the alkaline earth fluorides, Morris‘ quotes the following values: 


AU, Iy2*(eV) 
MeF, 684 695 15-0 
CaF, 622 624 2 11-9 
SrF, 592 5884 11-0 
BaF, 561 566 5 10-0 


A similar trend is observed in the series of alkali-metal chlorides; the ionization 
potential alone is thus not a complete guide to deviation from ionic character. 

It is well known that the solubility of a salt is determined in part by its lattice 
energy. In order to calculate lattice energies from solubility data, it is necessary to 


TABLE 3.—MOLArR HI ATS OF HYDRATION 


AHh(M*xX>) AHh, eqn (9) 


208 
KI 195 194 
KC] 162 161 
KBr 155 154 
KI 146 145 
RbC! 156 155 
CsI 18] 178 


148 


know the heat of hydration of the given pair of ions (AHh); such data has. in the 
past, been derived from lattice energies and heats of solution,'27) Recently, however, 
experimental determinations of free energy of hydration for a number of ions have 
been made.*) The results for the alkali metal and halide ions are as follows: 


Li* Nat K Rb Cs* 

AG,(M*) 122-1 98-2 80-6 67:8 keal/g-ion. 
Cl Br I 

-~AG,(X-) 99-] 70-7 64-9 57:2 kcal/g-ion. 


?) J. O'M. Bocxris and B. E. ¢ ONWAY, Modern Aspects of Electroc hemistry p. 47 et seq. London (1954), 
” J. E. B. RANDLES, Trans Faraday Soc. §2, 1573 (1956). 
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From the relationship: AG, = AH, — TAS,, we have derived the corresponding 
molar heats of hydration, AH,(M*X-~), for pairs of ions, and compare them in 
Table 3 with those derived from the equation: 


AH, = AH, + AH, (9) 


where AH, is the heat of solution at infinite dilution. 

If the evaluation of individual heats of hydration can be extended to other ions, 
it will evidently become possible to calculate lattice energies from solubility data, 
by equation (9). This would be particularly valuable for anisotropic crystals in 
which the electron affinity of the anion (e.g. the nitrate ion) is not known. 
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Abstract—Decomposition of lead dioxide at 300-350°C yields a monoclinic (pseudo-tetragonal) 
oxide, with composition close to PbO,.;;, identical with BystrOM’s «-PbO,. This has no detectable 
variability of composition, and decomposes to form BystTROM’s b-phase, the composition of which 
is now found to be PbO,.,-PbO,.,;, probably PbO,.,,. Reactive (high surface area) lead monoxide 
oxidises to a non-stoicheiometric cubic or pseudo-cubic oxide; cell dimensions range from 5-479 kX 
at PbO,.,. (lower limit of range) to 5-445 kX at PbO,.;,.. Oxides richer in oxygen than PbO,.;. are 
monoclinic pseudo-cubic and readily anneal to form the «-phase. Oxidation of the /-phase at 300 
also yields a non-stoicheiometric (monoclinic pseudo-cubic) oxide. All these oxides are based on a 
pseudo-cubic cell, of fluorite type, with anion vacancies; ordering of vacancies brings about small 
distortion from cubic symmetry. Oxidation and dissociation of these oxides are reversible processes, 
but attended with hysteresis. The P-phase and the pseudo-cubic phase (over part of its existence 
range, at least) appear to be thermodynamically stable intermediate phases in the lead-oxygen 
system. 

Structural considerations suggest a topochemical mechanism for the oxidation of tetragonal 
lead monoxide. Formulae must be assigned to the ordered phases to accord with the composition 
of the superstructure cells. On this basis the «- and /-oxides are represented as Pb,,O,,, Pb,,O,; 
respectively. The concentration of oxygen vacancies in the non-stoicheiometric phase appears to 
vary within the approximate limits implied by these formulae 


IN spite of numerous investigations, much uncertainty remains as to the nature, the 
structure and the stability of the oxides of lead. Some of the older work,“-® which 
has been briefly summarized by BUTLER and Copp," indicated that all the phases 
had very wide stoicheiometric ranges. This conclusion conflicts with more recent 
work, but there are also inconsistencies between the careful work of Bystrém and 
that of Katz." Bystr6m identified two crystallographically distinct intermediate 
phases, without specifying closely their limits of composition or the chemical relation- 
ship between them: a-PbO, (1-67 > x > 1-50) and #-PbO, (1-51 > x > 1-47). 
Katz,‘ on the other hand, found evidence for a single phase with a wide range of 
composition between PbO,,, and PbO,.;,, and with continuously varying lattice 
parameters. This showed the peculiar feature of behaving as a bivariant system in 
oxidation but as a univariant system when reduced from its upper limit of composition. 
The paper by BuTLeR and Copp, which confirmed the existence and pointed to the 
composition of BysTROm’s «-phase, appeared after our work had commenced. 

In view of the contradictory conclusions of other workers, a fresh investigation 
seemed desirable. We have therefore re-examined the oxidation of lead monoxide, 


M. Le Bianc and E. Eserius, Z. Phys. Chem. A 160, 69 (1932). 
E. Renker, Bull. Soc. Chim. Fr. 3, 981 (1936) 

A. BARONI, Gazz. Chim. Ital. 68, 387 (1938) 

* G. Butier and J. L. Copp, J. Chem. Soc. 725 (1956). 

‘®) A. Bystrém, Arkiv. Kemi Min. Geol. 20 A, No. 11 (1945) 

*) T. Katz, Ann. Chim. [xii] 5, 5 (1950) 
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the decomposition of lead dioxide, the range of stoicheiometric composition of the 
intermediate phases, and their inter-convertibility. BUTLER and Copp rightly com- 
mented that much of the confusion about the lead—oxygen system is due to the varied 
accuracy of X-ray methods as used by different workers. Particular attention has 
therefore been paid to this aspect in the present work. 


EXPERIMENTAL 
Materials 


(1) Lead dioxide. Three methods were used for the preparation of the lead dioxide. 

(a) It was deposited anodically at a current density of 0-1 0-3 A cm™? from a slightly acidic 
0-25 M solution of A.R. lead nitrate, using a nickel wire anode and lead cathode. The dense, nearly 
black deposit was washed with hot dilute nitric acid and then boiled with distilled water: it was 
finally dried at 180° to constant weight. Material prepared by this method had the composition 
PbO,.97¢°0'123H,O. There was no detectable contamination with nickel from the anode. 

(b) Oxidation of lead nitrate solution with an excess of sodium hypochlorite yielded a brown 
powder with the composition PbO, 

(c) Red lead was heated with 5 M nitric acid. After drying at 140°, the black finely divided 
product had the composition PbO,.,,,°0°028H,O. This method of Preparation consistently yields 
material approaching most nearly to the ideal composition. No significant difference was found in 
the behaviour of lead dioxide prepared by different methods; most of the work was carried out with 
material obtained by method (c). 

(2) Lead monoxide. In agreement with CLARKE and Tycer‘”’ and Le BLANC and Esern s,""’ the 
only form of lead monoxide reactive enough to combine with oxygen at low temperatures is that 
freshly prepared by the decomposition of lead compounds in vacuum below 350°. Lead carbonate 
was decomposed in vacuum at 300°, yielding a grey-green reactive oxide. This changed colour 
(to dull orange yellow) and increased in weight by about 0-2 per cent when allowed to stand in air. 
probably due to adsorption of water and carbon dioxide: its reactivity diminished at the same time 
This “vacuum oxide” gave the X-ray diffraction pattern of tetragonal lead monoxide, with broad 
and diffuse lines indicative of very small particle size (probably <500 A). Oxide prepared at 400 
gave sharp diffraction lines and was unreactive. 


Analytical methods 


(1) Lead (lV). A method giving high precision and convenience in series of routine analvses was 
needed. Most modern workers on the lead—oxy gen system have used iodimetric procedures: either 
variants of Bunsen’s method.’ or the Diehl! Topf method.'*? We found it more convenient and 
accurate to use arsenic (IID) as reducing agent in the presence of hydrochloric acid. An appropriate 
sample of the oxide was boiled under reflux with a known (excess) amount of 0-1 N arsenious oxide 
solution and 10 ml of I : 1 hydrochloric acid. When dissolution was complete, the cooled solution 
was titrated with 0-1 N potassium permanganate in presence of | drop of 0-002 M potassium iodide 
to a potentiometric end point. Blank experiments showed that there was no loss of AsCl, in the 
refluxing; determinations using perchloric acid in place of hydrochloric acid in the dissolution- 
oxidation step gave identical results and proved that no error was introduced by any loss of chlor ine 
The permanganate was standardized against arsenious oxide. Checked against red lead, as the only 
well defined and fully reproducible higher oxide of lead, the method vielded the composition 
PbO, .554. In general, the values of x in PbO quoted below are uncertain to less than 0-002 units of x 

(2) Water. The water present constitutionally in lead dioxide and in the oxide “FUO..c.”. OF 
adsorbed on the finely divided and hygroscopic products of oxidation, was determined by two methods: 

(a) directly, by heating the sample in a stream of dry oxygen and absorption of water in anhydrone ; 
and 

(b) indirectly, by ignition at 650° to lead monoxide. Water active oxygen (equivalent to 
Pb(TV)) were thereby found by difference; active oxygen was determined as described above. The 
indirect analytical method proved to be the more reproducible. 


G. L. Crarxe and W. P. Tyver. J. Amer Chem. Soc. 61, 58 (1939). 
* G. L. Ctarke and R. Rowan, J. Amer. Chem. Soc. 63. 1305 (1941) 
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The preparation of oxide samples 


(1) The degradation of lead dioxide at 335°C. Lead dioxide was heated in a tube furnace at 335 
under several different experimental conditions: (i) in vacuum, the evolved oxygen being pumped 
off continuously; (ii) in a stream of dry nitrogen; (iii) in moist nitrogen; (iv) in moist oxygen; 
(v) in air. Samples were withdrawn at intervals for chemical and X-ray analysis. Products ranging 
in composition from PbO,.4.5 to PbO,.;, were thus obtained. Prolonged heating (e.g. 100 hr in 
vacuum or 14 days in air) gave distinctly heterogeneous material containing particles of Pb,O, 

(2) The oxidation of lead monoxide. Lead carbonate was decomposed in vacuum at 310’, 
Oxygen was then admitted to a pressure of 600 mm. Oxides of compositions ranging from PbO, .,, to 
PbO were obtained with times of oxidation of 2—28 hi 

(3) Annealing. In view of the small crystallite size and diffuse diffraction patterns of the pseudo- 
cubic oxides, some preparations from the oxidation of lead monoxide were annealed at 300° for 
250-500 hr in sealed Pyrex tubes of small volume (to avoid further changes of composition). Small 
samples were also sealed up in stout walled capillary tubes in the presence of water, and annealed 


in the presence of high-pressure water vapour (cf. Katz’). 


Tensimetric « xperiments 
Both the oxidation of lead monoxide and the decomposition of lead dioxide were followed by 
gas-volumetric methods. The oxide sample was contained in a silica reaction vessel surrounded by 


an Outer jacket in which mercury could be refluxed under a predetermined pressure of nitrogen. A 
conveniently control ar 


led constant temperature between 300° and 360° was thereby maintained. The 
reaction vessel was connected by a capillary tube to a combined burette and manometer, and thence 
to the vacuum manifold and oxygen reservoir. From the volumeter readings and the measured 
dead space, the change in composition of the solid phase could be calculated. In prolonged experi- 
ments, cumulative errors of measurements were subject to a small correction, based on the ultimate 
direct analysis of the product. The tensimetric experiments were intended, in the first instance, for 
the study of equilibrium conditions in the 2-phase regions and in non-stoicheiometric ranges of 


pe sition 


X-Ray work 


Diffraction patterns were taken with filtered ¢ uA, radiation. A 9 cm Unicam camera was used 
for qualitative work; for better resolution and the determination of cell dimensions a 19 cm lt nicam 
camera was used. Powder specimens were coated on fine glass fibres. 

For the study of the «-/ phase relations, and the cell dimensions of oxides in the range, diffrac- 
tion patterns were taken with a monochromating focusing camera of the Hagg—Guinier type. In 
general, all preparations had very small crystallite sizes and gave diffuse diffraction lines, with a 
rapid falling off of intensity at higher diffraction angles. Refined extrapolation methods of fixing 
cell dimensions from Debye Scherrer patterns were accordingly not justified. The monoclinic cells 
listed below were based on high-resolution diffraction patterns obtained with the focusing camera. 


Density measurements 


Densities of the pseudo-cubic oxides were determined, using carbon tetrachloride as pyknometer 
fluid. Samples weighing <5 gm (i.e. displacing <0-5 ml of liquid) were used: the pyknometer bulb 
containing the oxide was pumped out for 15 min before admitting the freshly boiled-out carbon 
tetrachloride. Experience with analogous materials showed that densities determined in this way 
agreed closely with those based on the displacement of helium—i.e. errors due to incomplete filling 
of capillary voids are small. 


RESULTS 
1. The decomposition of lead oxide 


It may be seen from Table | that the findings of BUTLER and Copp are broadly 
confirmed as regards the sequence and the composition of the phases formed. 
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Starting with material of the composition PbO, .9.,0-028H,O,* the lines of BysTROM’s 
a-PbO, are already detectable in PbO, 93s. It may be inferred that the stoicheiometric 
range of the lead dioxide phase cannot extend much below PbO, 9, in agreement 
with other recent workers. Decomposition comes to a virtual stop at the composition 
PbO, ,, (cf. BUTLER and Copp), and this is probably very close to the lower boundary 
of the 2-phase region; numerous lines due to undecomposed lead dioxide were 
clearly visible in the diffraction pattern of PbO, ¢3¢. 

When account is taken of the multiplet structure of (hk/) lines, most lines in the 
diffraction pattern of «-PbO,, as taken with a Debye Scherrer camera, can be indexed 
in terms of a monoclinic cell closely related to the tetragonal cell proposed by 
BUTLER and Copp. This is only a pseudo-cell, however, and patterns taken with the 
focusing camera showed that the diffuse lines of the Debye Scherrer pattern were 
unresolved multiplets. All the observed lines were satisfactorily accounted for by a 
monoclinic cell agreeing well with that assigned by BystrOm (Table 2). 

As reported by BUTLER and Copp, the «-PbO, phase can slowly lose oxygen on 
prolonged heating (Table 1, IF, III, T1). However, it is a phase of invariable cell 
dimensions and, at most, a very narrow range of stoicheiometric composition. Thus 
T1, PbO, 509, giving a diffuse and apparently one-phase Debye Scherrer pattern, was 
proved by its high resolution diffraction pattern to be a mixture of BystROm’s «- and 
B-phases, probably containing 20-40 per cent of the latter. The cell dimensions of 
the «-PbO, component in this mixture were identical, within the experimental errors, 
with those of the one-phase preparation PbO, ;». 


2. The oxidation of lead monoxide 

In agreement with HOLTERMANN”® and Katz,‘ oxidation of reactive tetragonal 
lead monoxide yields an intermediate oxide phase of widely variable composition, 
and approximately face-centred cubic structure. Table 3 indicates that an oxide of 
composition PbO, 9, already lies well within the two-phase region and since (within 
the limits of precision imposed by small crystallite size and line broadening) the lead 
monoxide co-existing with the pseudo-cubic phase has unchanged cell dimensions, 
it may be inferred that lead monoxide is practically invariant in composition. From 
the fact that the preparation PbO, .., still showed weak diffraction lines due to lead 
monoxide, the lower existence-limit of the pseudo-cubic oxide must be about PbO, 49 
or higher. From the variation of the pseudo-cubic cell dimension with composition 
(Fig. 1), the limit is taken at approximately PbO,.,,. 

The upper limit of the pseudo-cubic phase could not be determined with certainty. 
Even though the equilibrium between the non-stoicheiometric oxide and oxygen 
PbO, -- (6x/2)O, — PbO,,, ,,—is attained sluggishly and is subject to severe hysteresis 
effects, the composition of the solid phase obtained is dependent on the oxygen 
pressure in the system. PbO,.;,;, the product with the highest oxygen content, was 
obtained at 310°, 600 mm pressure, and was monophasic. For a given oxygen 
pressure the maximum attainable oxygen content of the pseudocubic phase necessarily 


* All samples of lead dioxide contained sufficient strongly bound water to provide for the ratio Pb : O 
1 : 2 in the crystal lattice through the substitution Pb** —- 2OH~ for Pb** + 20*-. In our view the con- 
stancy of cell dimensions points to this interpretation of the variable Pb** content of lead dioxide. Water 
in excess of this requirement—e.g in the material PbO, .9¢4(OH)o.93,°0°01H,O cited above—is considered 
as adsorbed on the surface and on capillary voids of the finely divided material 
* G. L. CLarke, N. C. Scuectz and T. T. Quirke, J. Amer. Chem. Soc. $9, 2505 (1937). 
”) C. B. HOLTERMANN, Ann. Chim. [x] 14, 121 (1940). 
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diminished with increasing temperature. Table 4 gives compositions reached under 
600 mm pressure of oxygen. 

The measurements of quasi-equilibrium oxygen pressures served to show that a 
constant pressure of oxygen was indeed attained in the PbO + pseudo-cubic oxide 


549 


1-50 


xin PoC 
x 


Fic. 1.—Cell dimension-composition relation for pseudo-cubic phase 


two-phase range, and confirmed that this univariant system became bivariant when 
the composition of the solid reached PbO,,,;. HOLTERMANN’s limit of PbO,.;., 
attained at several temperatures under 200 atm pressure of oxygen, may be accepted 
for the pseudo-cubic oxide. It indicates that this oxide dees not attain any com- 
position richer in oxygen than the «-PbO, ordered phase. 


TABLE 4.—COMPOSITION OF PSEUDO-CUBIC OXIDE FORMED IN 600 mm PRESSURE Oo! OXYGEN 


310 345 


Compositic n. 1-545 1-488 1-454 1-468 1-428 1-417 1-412 
in PhO 


In the diffraction pattern of PbO,.;,, the cubic lines were clearly split up into 
multiplets. All other cubic oxides gave broadened, diffuse but unresolved diffraction 
lines, even with the focusing camera. Line broadening was not due solely to poor 
crystallinity, but was indicative also of a lower than cubic sy mmetry, since line width 
did not increase regularly with Bragg angle and line profiles (except for (hh) lines) 
were asymmetric. Changes in the visually-estimated line profile showed that the 
departure from cubic symmetry was dependent upon the composition of the phase. 


3. Transformation within the pseudo-cubic phase 


Equilibrium between the non-stoicheiometric oxide and oxygen is sufficiently 
mobile to allow the materials to be put through successive cycles of oxidation and 
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decomposition. Under these conditions, and with very long total heating times, the 
oxides gave significantly different diffraction patterns from those of the pseudo- 
cubic phase of corresponding composition prepared by relatively rapid oxidation. 

The oxide PbO, ,.. (Sample T2, Table 5) obtained as the end product of an 
isothermal oxidation and decomposition experiment at 320°, over a period of 850 hr, 
showed a clear splitting of the diffraction lines. The pattern could be indexed in 
terms of a small distortion of a face centred cubic structure, to a monoclinic pseudo- 
cubic cell, with a = b = 5-459 kX, c= 5-461 kX. f = 89°8". By a transformation 
of axes this becomes metrically equivalent to an orthorhombic cell with @ — 3-889 kX, 
b = 5-461 kX, c= 3-832 kX—i.e. a cell identical with the sub-cell proposed by 
BystrOM for f-PbO,. A number of weak lines in the powder pattern could be 
included in the indexing by doubling the a and / axes and tripling the ¢ axis of the 
sub-cell. This would give a true unit cell larger than that proposed by Bystrém but 
similar to the unit cell of the x-phase. We conclude that the ordered oxide of com- 
position PbO, 4. is indistinguishable from, or identical with. BystrOm’s §-PbO.. 

Re-oxidation of this material was a one-phase process involving a non-stoicheio- 
metric solid. The composition attained for a given temperature and oxygen pressure 
coriesponded roughly with those given for the equilibrium of the disordered pseudo- 
cubic phase. Together with some shrinkage of the unit cell, the extent of the dis- 
tortion of the cubic pseudo-cell changed progressively with composition (Table 5). 
This non-stoicheiometric range will be designated the f’-phase. 
DISCUSSION 

From the foregoing results it appears that the a- and f-oxides are the only 
ordered intermediate phases obtainable in the lead oxide system, under the range of 
conditions investigated at least. These phases were characterized crystallographically 
by BystTr6m; the present work characterizes them chemically. Decomposition of 
lead dioxide produces the ordered x-phase directly; this in turn decomposes to the 
ordered #-phase. The oxide formed by oxidation of lead monoxide owes its pseudo- 
cubic symmetry to the random occupation of certain crystallographic sites; its 
symmetry is probably lower over very small, mutually unrelated regions of the 
structure. 

It is significant that the crystallographic descriptions of the ordered x and p 
phases, and of the non-stoicheiometric cubic phase, all involve a distorted face 
centred cubic cell or sub-cell. \ccording to Bystrém, the structures of the x- and 
P-oxides are based upon the fluorite type, with a high proportion of vacant anion 
Sites. In his view, the idealized structure would be that of PbO, 9 With 25 per cent 
of the oxide ion sites vacant. Whilst in general terms this concept appears correct, 
it is clear from our results that the /-oxide has more, and the x-oxide fewer, than 
25 per cent of anionic vacancies, and that there is no intermediate oxide Pb,O, 
formed in the sequence of degradation or oxidation reactions studied. Neither does 
a pseudo-fluorite structure with 25 per cent of ordered or randomly distributed 
vacancies have any special status either in the pseudo-cubic or the f’ non-stoicheio- 
metric ranges of composition. 

Density measurements oa the pseude-cubic phase (Fig. 2) show that this is also 
to be described as an oxygen-deficient structure with a variable concentration of 
Oxygen ion vacancies in a unit cell containing four lead atoms. It may be seen that 
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the measured densities are substantially lower (by about 3 per cent) than the calculated 
values. This is true also of the vacuum-prepared lead monoxide (doy. 8-98 0-05: 
deaie 9°35) and, by comparison with other systems—notably uranium dioxide, which 
has been the subject of much systematic work—we believe this anomaly arises from 
the particular microstructure of the oxide as prepared in the reactive form used. 
The relation of the densities of the pseudo-cubic phase to that of the starting material 
conforms to the requirements of a fluorite structure with anion vacancies, but not to 


xm PbO, 


FiG. 2.—Densities of pseudo-cubic oxides 
calculated, for oxygen vacancies in fluorite structure 
observed 


those of alternative models with a complete anion lattice. We conclude that the 
pseudo-cubic phase, like the x- and f-phases, has an oxygen deficient fluorite structure, 
and that it differs from the 2- and £-PbO, oxides in having a wider composition 
range and higher pseudo symmetry because the oxygen vacancies are disordered. 

In such systems the composition of the phases can be logically defined only from 
that of the crystallographic super-structure cell. It is clear that z-PbO, has a com- 
position close to PbO,... Whilst the composition approximates to the formula 
Pb,O,, (PbO, ;,;) proposed by several workers, we find, with BysTROM. a super- 
structure cell containing twenty-four Pb atoms and therefore assign to z-PbO. the 
ideal formula Pb,,O,, (PbO, <.,). We find neo experimental evidence that the oxide 
is of variable composition, but do not exclude the possibility that there may be 
statistically rather more than ten vacant oxygen sites per unit cell. 

For #-PbO, our work points to a composition around PbO, 4); 49. considerably 
lower in oxygen content than that previously ascribed. This lower composition 
follows from the identity of preparations T2, T8 (Table 5) with BystROM’s /-phase, 
and agrees with the estimated proportions of the «- and -phases in the 2-phase 
PbO, 599 (above). It is also compatible with the observations of KATz on the reduction 
of oxides PbO, with x > 1-55—i.e. consisting largely or wholly of the z-phase. It 
implies that the orthorhombic cell, with eight Pb atoms, assigned to {-PbO, by 
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BysTROM is not the true superstructure cell. Our diffraction patterns could only be 
indexed completely in terms of a superstructure cell containing twenty-four lead 
atoms corresponding to our ideal formula Pb,,O,, (PbO, .,,,). 

The course of reaction. The formation of the x-phase from lead dioxide imposes 
a radical change of structure. It proceeds by a nucleation and growth process, and 
the «-phase is formed from the outset in a well ordered state. The tolerance of the 
x-phase for additional anion vacancies is clearly very restricted, and degradation of 
the «-phase produces the f-phase in a well ordered state, rather than traversing the 
variable /’-range of compositions. 

he symmetry and superstructure of the x- and £-phases depend on the ordering 
of vacant oxygen sites; the hysteresis effects that prevent any accurate determinations 
of equilibrium data suggest that the diffusion of vacancies is a relatively slow process. 
In the formation of the §’-oxides it would appear that the ordered vacant sites of 
the /-phase are occupied at random by incoming oxygen atoms. The superstructure 
ordering of the remaining vacancies, or breakdown into z- f-oxides, is inhibited 
either by sluggish vacancy diffusion or by the small difference in free energy between 
ordered and disordered states. 

Formation of the pseudo-cubic oxide from tetragonal lead monoxide involves a 
topochemical process of considerable interest. In tetragonal lead monoxide, each 
lead atom already has half the co-ordination environment of the fluorite structure 
(Fig. 3). The spacing between adjacent sheets of lead atoms (=-2-76 A) is just that 
appropriate to the pseudo-cubic phase ($a = 2-7). By a small readjustment if the 
O—O nearest neighbour distance from 2-80 A in the basal plane of PbO to 2-7 A as 
in the simple cubic oxygen lattice of the pseudo fluorite structure, the Pbh—O—Pb 
bond angle is adjusted to give a regular tetrahedral co-ordination, and the lead atoms 
assume the positions appropriate to a face centred cubic lattice. Acquisition of this 
local cubic symmetry about each lead atom can be achieved by the entry of oxygen 
atoms along the median planes of the structure parallel to (O01), to fill statistically 
40-60 per cent of the potential anion sites. The acquisition of a uniform co-ordination 
environment by the lead atoms involves a dimensional change that makes the new 
structure incompatible with the crystal lattice of lead monoxide. It may be inferred 
that the real symmetry of the pseudo-cubic phase is not higher than pseudo-tetragonal 
and that the vacant sites are preferentially concentrated in alternate sheets of oxygen 
atoms. In the annealing of the pseudo-cubic to the f- or z-phases, vacancies become 
appropriately distributed amongst all oxygen sites. 

The stability of the intermediate oxides [here remains for consideration the 
thermodynamic stability of the intermediate oxides, and their place in the lead- 


oxygen equilibrium phase diagram. Several experiments were carried out in which 


the equilibrium oxygen pressure was measured as a function of the composition of 


the solid phase. These were initially intended to provide a series of (p,.X), sections 
of the complete equilibrium diagram, from which the partial molal thermodynamic 
quantities in the non-stoicheiometric range might be deduced. Because of hysteresis 
effects, typical of systems in which the sluggish attainment of inner equilibrium leads 
to the enrichment of the volatile component (in oxidation runs) or its impoverishment 
(in degradation experiments) in the outer layers of each crystallite, this aim could 


not be attained. Nevertheless the data serve to fix the thermodynamic properties of 


the pseudo-cubic and /’ non-stoicheiometric oxides with fair reli ibility. 
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Results of isothermal series of measurements at 593°K on two different samples 
from the oxidation of lead monoxide are summarised in Fig. 4. At a given com- 
position, the upper and lower points, representing close-to-equilibrium conditions in 
very prolonged experiments, bracket the most probable value of the equilibrium 
pressure. The ascending curve represents the formation and progressive oxidation 
of the pseudo-cubic oxide up to compositions around PbO, .. PbO, 9; the descending 


curve corresponds, as discussed above, to the conversion of ¢ ¢ pseudo-cubic phase 


to a more highly ordered state. When the formation-decomposition cycle was 
retraversed, the hysteresis loop tended to be narrower. It is t erefore reasonable to 
take the measurements as fixing the equilibrium pressures within a total uncertainty 
of less than a factor of two—i.e an uncertainty not exceeding | keal in the free 
energy of the dissociation reaction. On this basis we can make a Comparison with 
the thermodynamic properties of the stable oxides. Equilibrium oxygen pressures 
in the PbO-Pb,O, and Pb,O,-PbO, systems, calculated from the standard data. 
are shown in Fig. 4. 

he essential features of Fig. 4 are (a) the 2-phase pressure of 20 +. 10 mm at 
593° in the presence of lead monoxide pseudo-cubic phase, and (b) the steep rise 
in the equilibrium pressure of oxygen as the composition of the non-stoicheiometric 
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oxide approaches the upper limit. The latter point is emphasized by HOLTERMANN’S 

evidence that PbO, ;, represents the upper limit of oxidation at 350°C under 200 atm. 
Comparing the results with the equilibria between the more familiar oxides 

(Fig. 4), it is clear that the pseudo-cubic oxide is formed as a metastable product 

and that stable equilibrium in the lower part of the 2-phase range would correspond 
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FiG. 4.—Thermodynamic relation between pseudo-cubic oxides and the stable oxides of 
ead. PbO/Pb,O, and Pb,O,/PbO, equilibrium pressures calculated; ascending and descending 
brium ecimens of pseudo-cubic oxide. HOLTERMANN’s 
taken as upper composition and 


pressures for two sp observ- 
formation pressure of oxides from the oxidation 


of PbO 


to the co-existence of PbO —- Pb,O,. In accordance with this, the 2-phase PbO 
pseudo-cubic mixtures of composition PbO,.,,; and PbO,.,, were partially converted 
to Pb,O, when annealed for 200 hr at 300°, whereas homogeneous pseudo-cubic 
oxides PbO, (x > 1-45) were unchanged. Such oxides are thermodynamically stable 
with respect to PbO, — Pb,O, or Pb,O, + O,. The increase of oxygen activity with 
oxygen content of the intermediate oxides is such, however, that the z-PbO, of ideal 
composition may well be metastable. In fact, Pb,;O, was formed in several experiments 
(and in BystrOm’s work) in the presence of «-PbO, and of undecomposed PbO,, 
thereby showing that such systems do not attain true equilibrium. 
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Acid leaching of intermediate oxides. Independently of the work of Weiss and 
Faivre,®) we found that the oxide phase termed 2-PbO, by Zastovski et was 
formed by the action of nitric or acetic acids on the pseudo-cubic oxides. Its composi- 
tion was remarkably constant at PbO, ss6O°16H,O. Products of higher oxygen 
content formed by prolonged leaching showed diffraction lines of tetragonal PbO,; 
those of lower oxygen content contained some undecomposed pseudo-cubic oxide. 
It was not possible to remove more than about one third of the total water without 
collapse of the “a-PbO,”’ structure. We therefore conclude that about 0-11H,O per 
Pb was constitutionally bound through substitution of Pb? 20H ~ for Pb* + 20? 
The approximate formula would then be PbO, 76(OH),.o9 + 0-06H,O, with an 
O : Pb ratio very close to two. 

The unit cell dimensions were evaluated as orthorhombic. g — 4-986 0-005 kX, 
b = 5-941 + 0-005 kX, ¢ = 5-452 + 0-005 kX (cf. refs. (12) (13)). The structure is 
dimensionally related to that of the pseudo-cell of the parent intermediate oxides: 
thus ¢ is approximately equal to the cell edge of the pseudo-cubic cell and the base 
diagonals are equal. 

his oxide decomposed at a lower temperature than tetragonal PbO,, to give 
BystrROM’s x-phase. 


R. Weiss and R. Faivre, C.R. Acad. Sei . Paris 245, 1629 (1957) 
A. L. Zastavski, J. D. KonprRacuov and S. § Totkacueyv, Doki. Akad. Nauk SSSR 75, 599 (1950). 
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STUDIES ON HYDRATED CERIC OXIDE 


S. S. MOOoSATH 


Applied Chemistry Department, | niversity of Kerala, Trivandrum, India 


(Received 29 December 1958; in revised form 16 March 1959) 


Abstract—The results of physico-chemical studies on hydrated ceric oxide analysing to the formula 
CeO,-2H,O are presented. By thermogravimetric and differential thermal analysis, earlier findings 


on the stability of ceric hydroxide at higher temperatures have been disproved Attempts have 


been made to elucidate the structure of the material from X-ray diffraction patterns and infra-red 


spectra. Results obtained from these studies suggest that hydration of ceric oxide destrovs the 


fluorite structure 

THE oxidation product of cerous hydroxide has been variously described as ceric 
hydroxide, hydrated ceric oxide ete."~” The author has developed a simple method”® 
for the preparation of a product analysing to CeO,:2H,O which is used by him in 


the isolation of hexachloroceric acid crystals."") In view of the contradictory state- 
ments regarding the stability and composition of hydrous ceric oxide, a systematic 
study has been attempted by the present author. Results of thermal degradation, 
differential thermal! analysis and X-ray examination of ceric oxide dihydrate are 


given in this paper. 


EXPERIMENTAI 
i Pure cerous nitrate (25 g) was dissolved in about 500 ml water and cerous hydroxide precipitated 
: with 2 N ammonium hydroxide. Hydrogen peroxide (30 vol) was then added with vigorous stirring 
till the precipitate became dark brown. The solution was kept on a water bath and stirred for 1 hr 
when the evolution of oxygen ceased and the precipitate became straw -yellow in colour. The pre- 
cipitate w filtered off and washed free of soluble impurities. It was pressed between folds of filter 
paper, washed several times by decantation and then on a sintered funnel with dry dioxane. The 
adsorbed dioxane was removed by was ing with dry petroleum ether. Finally a current of dry, 
: carbon- xide-free air was passed for | | rhe product obtained was a dry, free-flowing, yellow 
powcel The material was analysed for water and ceriun (Found: Ce 67°15 o> H,O 17 
Calc. for CeO,, 2H,O: Ce 67-31°%; H,O 17-31%) 


1 Shallow platinum crucible, was placed in an electric 


muffle, the temperature of which could be maintained within 5¢ After heating the sample for 
one yur at the desired temperature, the loss in weight was noted. The results are presented in 


I ipparatus employed was essentially the same as described by NORTON except for the fact 


that the furnace was mounted vertically. Ignited alumina was used as the inert n aterial and chromel- 


alumel t ermo-couples were used with cold junctions. The e.m.f. due to the differential temperature 
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\ knows ght of the hydrous ceria, 

Differential thermal analysis 


Studies on hydrated ceric oxide 


was measured with a high Sensitivity (Leeps and Nortrurup) galy 
arrangement. The furnace temperature was raised at the rate of 10°C/min 
null-point method. The results are given in Fig. 1. 


an 
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anometer and a lamp and scale 


d was measured by the 


TABLE |.—DEHYDRATION AT VARIOUS TEMPERATURES 
Wt. of material taken 1-000 g 
(CeO, 0-825 g; H,O = 0-175 g) 
Temperature Loss in weight Loss of water 
(C) (g) (moles) 
125 0-127 1-49 
225 0-129 1-49 
325 0-129 1-49 
425 0-164 1-87 
525 0-165 1-89 
625 0-167 1-9] 
725 0-172 1-97 
825 0-175 2-00 


X-Ray diffraction pattern 


The instrument used was Philip’s wide range diffractometer, an 


automatically recording Geiger 


counter instrument with CuX=~ radiation filtered through nickel and operated at 40 KVP and 15 mA. 


The scanning speed used in all these recordings was 24/min. Diffraction 
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(2)a sample of the 


after drying to constant and (4) a san 


Infra-red spectrum 

A Grubb-—Parsons double-beam 
taken in Nujol mull of (1) a 
dioxan and petroleum ether and analysing to ( eO,-2H,0 (Fig 
eO, (Fig 


Because of the colour and powdery nature of tl 


recording instrument 


itomatically 


sample of the oxidation product of cerou 


substance ignited at 900°C to give ¢ 3) 


ve substance, 


spectrum were unsuccessful. * 
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DISCUSSION OF RESULTS 

The results of thermogravimetric and differential thermal analyses did not agree 
with the earlier findings of CARNELLY and WALKER" that ceric hydroxide was stable 
up to 600°C. Heating for | hr at 125°C removed 1-5 moles of water (Table 1) leaving 
a product corresponding to the formula 2CeO,-H,O. This product is stable up to 


Fic. 2.—Infra-red spectrum of ceric hydroxide in Nujol mull 


325°C as no appreciable loss in weight is noticed even at this temperature. There is 
a sudden increase in loss of water at 425°C, further dehydration taking place pro- 
gressively with rise in temperature and becoming complete at 825°C. These observa- 
tions are supported by the shape of the D.T.A. curve (Fig. 1). The peak at 123°C 


FiG. 3.—Infra-red spectrum of product of igniting ceric hydroxide at 900 C, in Nujol mull 


corresponds to dehydration up to 2CeO,-H,0O. Complete dehydration is indicated 
by the peak at 820°C. The shape of the curve suggests that changes between 350 
and 650°C are negligible and that dehydration becomes more marked above 650°C, 
becoming complete at 820°C. 

The X-ray diffraction patterns showed that the oxidation product of cerous 
hydroxide was poorly crystalline. Both the wet sample and the sample after washing 
with dioxan and petroleum ether (CeO,:2H,O) give identical patterns, showing no 
crystalline phase of particles of size greater than 30-40 A. The fluorite structure was 
completely absent. But the product dried to constant weight at 110°C showed an 
increase in crystalline size and development of the fluorite pattern. Ignition at 
900°C gave the fluorite pattern and spacing characteristic of CeO,,. 

The observed peak at 2-97 mw in the infra-red spectrum of CeO,2H,O is within 
the frequency range for chelate compounds with strong intra-molecular bonds. In 
fact, the peak which is prominent in (Fig. 2) and which is absent in (Fig. 3) for the 
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ignited material, has the Shape and appearance, characteristic of strongly bonded 
OH absorption near 3000 cm-'. The OH absorption band is shifted from the value 
(2:71 4) of the unbonded OH in water to 2-97 #, presumably due to intra-molecular 
bonding. 

There is good agreement between the results of thermal degradation studies and 
differential thermal analysis of CeO,-2H,O with respect to its dehydration process. 
However, it is not clear from the X-ray and I.R. spectra whether the oxidation 
product of cerous hydroxide is hydrated ceria or ceric hydroxide. Success in recording 
the Raman Spectra might have helped in elucidating this problem. 
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THE CO-PRECIPITATION OF PROTACTINIUM WITH THE 
DIOXIDES OF MANGANESE, LEAD, AND TIN 


C. A. GOODALL*® and R. L. Moore 


Hanford Laboratories Operation, General Electric Company, Richland, Washington 
(Received 7 January 1959) 


Abstract—The scavenging of Pa 233 from thorium-nitric acid solutions was studied with a variety of 
adsorbents and as a function of pertinent solution variables. Co-formed MnO,, PbO,, and SnO, 
were particularly effective. High concentrations of thorium or nitric acid and high radiation levels 
were detrimental. Fluoride, phosphate and zirconium ions also interfered with protactinium precipi- 
tation. These results implied the formation of | : protactinium-—fluoride and protactinium—phosphate 
complexes which were about 60 and 10* times more stable than the corresponding thorium complexes. 


THe marked tendency of protactinium(V) to adsorb or co-precipitate on a variety of 
solids and sparingly soluble precipitates is well known and has been the subject of a 
number of investigations.’ This property has been utilized in the recovery of naturally 
occurring protactinium-231 from ores and for the removal of neutron produced 
protactinium-233 from solutions of reactor irradiated thorium. Decay of this 
separated protactinium-233 affords a source of isotopically pure uranium-233, 
uncontaminated with other uranium isotopes which might have been present or 
formed in the thorium target material. In a power reactor program utilizing thorium 
breeder reactors, methods for protactinium removal are important not only for the 
above reason, but also because the protactinium-233 constitutes the bulk of the /- 
and y-radiation from thorium that has been irradiated and cooled for conventional 
periods of time. If the irradiated thorium is dissolved in nitric acid and processed by 
solvent extraction (as with tributyl phosphate) to recover and decontaminate the 
thorium and uranium, this intense radiation may cause the solvent to suffer severe 
radiation induced decomposition. In addition, the solvent extractability of pro- 
tactinium may make it difficult to adequately decontaminate the extracted thorium and 
uranium. Removal of the bulk of the protactinium activity from the feed solution 
may. therefore, be desirable 

The use of manganese dioxide for protactinium removal (or recovery) has been 
reported by Katzin and StouUGHTON™? and has also been studied in our laboratory. 
However, manganese dioxide was found to have certain disadvantages, as noted later. 
\ variety of other scavengers was accordingly investigated, and two of these, lead 
dioxide and stannic oxide, were found to be especially effective. Comparison to 
manganese dioxide is particularly interesting because of the at least formal similarity 
of formula. 

EXPERIMENTAL 

All of the work was done with reactor produced protactinium-233. For the tracer level ex- 

periments, thorium metal was irradiated for one day by a thermal neutron flux of about 10” 


neutrons/cm*/sec, an exposure too brief for appreciable fission product formation. A stock tracer 


lution was prepared from this metal in either of two ways. A tracer containing no fluoride and very 


* Present address: Hughes Products Co., Los Angeles, Calif 
J.J. Katz and G. T. Seasora, The Chemistry of The Actinide Elements p. 70. Methuen, London (1957). 
L. |. KatTzIn and R. W. StouGuton, J. Inorg. Nucl. Chem. 3, 229-232 (1956) 
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little thorium was made by anodic electrolysis into 8 M nitric acid (most of the thorium precipitates, 
presumably as the oxide). Alternately, the thorium was dissolved in nitric acid with a trace of flu 
catalyst. This latter procedure duplicated that which would be used in diss« 
materials." 


oride 
ylving power reactor fuel 
However, the volume of tracer used per experiment was generally so small that the 
concentrations of thorium and fluoride so introduced were inappreciab 
obtained with both tracers. “Full level” solutions were prepared by fluoride catalysed dissolution 
of thorium that had been irradiated to about 2,000 MWD/T and cooled for 90 to 200 days 
final dissolver solution composition was about 2 M Th, 2M HNO,, 0-03 M HE 
The tracer scavenging studies were done in glass centrifuge cones with continuous motor stirring 
The cones were heated in a water bath w hen required. 


le, and similar results were 


Typical 


Phase separation was by centrifugation in a 
chemical centrifuge at about 700g. All centrifuge cones, pipettes, and other glassware used were 
treated with volatile Dri-Film (a silicone product) to minimize adsorption of protactinium. Experi- 
ments with highly radioactive solutions were performed in a top-access, down-draft brick pile 
which provided a minimum of 4 in. of lead shielding Extent of precipitation of protactinium was 
determined by analysing aliquots of supernate before and after precipitation by standard radio- 
chemical techniques using 7-scintillation counting or y-scintillation spectrometry of the 0-31 MeV 
Pa peak Specific "Pa activity ranged from about 10° ym-'ml-' in the tracer experiments to 
2 10" » m-! mI-! in the full level studies 

The results are expressed in terms of decontamination factors, rather than as per cent of pro- 
tactinium precipitated, because this quantity is a more sensitive index of ch inge when precipitation 
Is very nearly complete. The decontamination factor (DF) is defined as the ratio of the activity 
initially present to that remaining after treatment. Thus precipitation of 90, 99 or 99-9 per cent of the 
protactinium would correspond to decontamination factors of 10, 100 and 1000 respectively. The 
quantity (DF-1) is analogous to the distribution coefficients of solvent 


that is (DF-1) can be shown to be the ratio of the quantity of prot. 


‘ 


“traction or ion exchange, 
icuinium associated with the 
precipitate to that in the solution after equilibration and may be considered to be a partition 
coefficient between solution and solid 
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\ variety of sparingly soluble precipitates, both pre-formed and co-formed. as 
well as ion exchange resins and adsorbents of the clay and diatomaceous earth types 
were tried in preliminary experiments on protactinium removal from dilute nitric 
acid solution. Most of these materials showed some carrying under this condition. 
but only a few worked well when fluoride and/or thorium were introduced The 
lodates and phosphates of thorium, cerium(IV). and zirconium worked particularly 
well in dilute acid but did not carry proactinium in the presence of fluoride or else 
failed to precipitate when excess thorium was present. Lanthanum and cerium 
fluorides also dissolved in excess thorium nitrate. From solutions containing both 
thorium (ca. | M) and fluoride (ca. 0-03 M). best results were given by manganese 
dioxide, lead dioxide, and tin dioxide. (These will be denoted as MnO,, PbO,, and 
SnO, henceforth although it is recognized that these formulae may represent a gross 
over-simplification.) Inferior but reasonably good protactinium removal was observed 
with some of the natural adsorbents and similar type materials. Thus, removals of 
70 to 96 per cent of the protactinium were obtained by treating | M Th, 0-03 M HI 
solutions for | hr at 100°C with 40 g/l. of Zeolite, Super Filtrol (a diatomaceous earth 


filter aid which adsorbs zirconium and niobium effectively from uranium solutions).(4 


Attaclay (a complex hydrated aluminium magnesium silicate derived from the mineral 
attapulgite), Attapulgus Fullers Earth,* bentonite clay, Silenet (a precipitated, 
* Obtained from the Attapulgus Division, Minerals and Chemicals Corp. of America 
* Columbia Chemical Division. Pittsh irg Plate Glass Company 
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hydrated calcium silicate) or refrigeration grade silica gel. Although less effective 
than MnO,, PbO,, or SnO,, these adsorbents might be valuable for recovery of 
protactinium-231 or for “tail end” treatment of recovered thorium or uranium-233 
solutions where addition of extraneous ions is unacceptable. The bulk of the effort 
was concentrated on MnO,, PbO,, and SnO,. 

Vanganese dioxide. The results with manganese dioxide were in general agree- 
ment with and extended those of KATzIN and STOUGHTON. Co-formed manganese 
dioxide was found to be much more effective than pre-formed. For co-formed MnO, 
precipitation, order of strike was immaterial, i.e., it made no difference whether 
manganous nitrate was added to a permanganate containing solution (direct strike) 
or vice versa (reverse strike). The reverse strike was preferred since it avoided strong 
oxidizing conditions and minimized volatilization of fission product ruthenium. 
Temperature was also not an important variable. Protactinium carrying appeared 
to be slightly better at room temperature (ca. 25°C) than at elevated temperatures 
and was generally used. Periods of digestion greater than about 15 min did not improve 
decontamination, nor did extended centrifugation times, except when colloidal pre- 
cipitates were obtained. The protactinium decontamination factors were of the order 
of a hundred (99 per cent Pa removal) with 0-05 M MnO, and were roughly linear 
in amount of MnO, precipitated, at least in the range 0-005 to 0-075 M. For 
solutions of | M Th, | M HNO,, 0-03 M HF, the results for these conditions were 
summarized by the relation: 


Pa(DF) = 2500 (M MnO,), 


where the “molarity” of MnO, represented the number of moles precipitated per 
liter of solution. 

he effects of thorium and nitric acid concentrations were the most critical and 
were to some extent interrelated. Thorium concentrations greater than about | M 
and nitric acid concentrations greater than about 2 M gave grossly inferior decon- 
tamination. Thus the decontamination factor (with 0-05 M MnO, and | M HNO,) 
decreased from a value of over a hundred at | M to only four at2 M Th. Withacon- 
stant thorium concentration of | M, increasing the acidity from 0-7 to 6 M decrease 
the decontamination factor from 200 to six. The effect of increasing thorium concen- 
tration could be counteracted to some extent by lowering the acidity, and some 
experiments were made from “acid deficient” solutions. i.e.. partially hydrolysed 
thorium nitrate solutions with nitrate to thorium ratios slightly less than four. 
However, the lower acidities tended to produce extremely voluminous, difficultly 
centrifugable, and sometimes colloidal precipitates. 

Zirconium and phosphate were two other materials that had a profound effect 
on the precipitation of manganese dioxide and protactinium. The effect of added 
zirconium was studied because it was thought that the strong fluoride complexing 
power of zirconium(I[V) might reduce the interference of fluoride with protactinium 
adsorption. In addition, zirconium might be present in some nuclear fuel solutions 
due to use as a cladding or alloying material. Phosphate is a potent complexing 
agent for protactinium and is sometimes used to decrease the solvent extractability 
of protactinium. Surprisingly, the addition of as little as 0-01 M zirconium(IV) 
(as reagent zircony! nitrate) or phosphate completely prevented the formation of a 
manganese dioxide precipitate. The latter was apparently stabilized as a colloid 
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which showed very little Tyndall effect and was not removed by prolonged centri- 
fugation. Protactinium decontamination was, of course. n egligible. 

Lead dioxide. By analogy to MnO, and on the basis of ionic sizes it was predicted 
that lead dioxide (PbO, ) would also be an effective scavenging agent for protactinium. 
Like MnO,, it is readily dissolved by peroxide or nitrite, facilitating easy removal 
from a centrifuge and further concentration of the proactinium by precipitation 
from smaller volume. Because of greater density, there should also be less tend ency 
toward colloidal behaviour. As with Mn0O,, co-formed PbO, was found to be much 
more effective than pre-formed. Co- formed PbO, was generated by adding lead 
nitrate to the solution to be scavenged followed by oxidation with excess strong 
oxidizing agent, such as sodium bismuthate (generally 25 g/!. as NaBiO,) at ca. 100°C. 
The precipitate centrifuged much more easily than MnO, and was much more 
compact. Thus, the centrifuged slurry volume was |-2 per cent for 0-05 M PbO, 
versus 8 per cent for 0-05 M MnO, precipitated from 1 M Th, | M HNO, solutions 
and showed no evidence of formation of “fines” or colloidal behaviour. The effect 
of important solution variables was strikingly similar, however, to that observed with 
MnO, and is shown in Tables | and 2. Here too, it Is noted that high thorium and 
nitric acid concentrations are detrimental. 


EFFECT OF THORIUM AND NITRIC ACID ON 
PROTACTINIUM SCAVENGING BY PbO, 


(All solutions 0-015 M HF, scavenged with 0 05 M PbO,.) 


Taste ! 


M Th M HNO, Pa (DF) 


612 
855 
378 
106 
73 
13 
19 
97 
2-6 


TABLE 2.—Errect oF PbO, CONCENTRATION ON 
PROTACTINIUM DECONTAMINATION 


(All solutions 1 M Th, 1M HNO,, 0-015 M HF) 


Pa (DF) 


0-002 1-3 


0-005 2:1 
0-01 8-0 
0-02 15 
0-03 68 
0-05 93 


128 
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The oxides of tin. The oxides of tin, particularly stannic oxide (SnO,), were expected 
to prove similar to lead dioxide as protactiniums cavengers. Attempts to precipitate 
stannic oxide from nitric acid solutions met with little success. However, it was found 
that neither reagent stannic oxide or stannous oxide was appreciably dissolved in 
1-16 M nitric acid, either at room temperature or on warming. Table 3 shows the 
results obtained when the indicated quantities of stannous or stannic oxide were 
digested for 2 hr at 100°C with | M Th, 1 M HNO,, 0-015 M HF, tracer 2“Pa solutions. 
During this treatment, the colour of the stannous oxide changed from black to white, 


TABLE 3.—SCAVENGING OF PROTACTINIUM WITH STANNOUS AND STANNIC OXIDES 


Pa (DF) 


Scavenger 
conc. (M) 


indicating oxidation to stannic oxide. It is hypothesized that the superior protactinium 
removal obtained with stannous oxide is due to this metathesis, i.e. to the formation 
of “co-formed” stannic oxide. The protactinium decontamination factors compare 
favourably to those with co-formed MnO, and PbO,,. 

As with lead dioxide, the solids centrifuged well and formed a compact slurry. 
The centrifuged slurry volumes ranged from 0-05 to 2-0 per cent for tin concentrations 
of 0-05 to 0-2 M. Spectroscopic analysis of the supernates gave tin concentrations of 
only 5 to 50 p.p.m. for stannic and stannous treated solutions respectively. Thus 
these may be applied to plant product streams with negligible addition of impurity 
ions. Since strong oxidizing conditions are not employed, ruthenium evolution is also 
negligible. However, removal of the cake from a centrifuge on a plant scale would be 
less convenient than with MnO, or PbO,. Removal of the adsorbed protactinium 
from the cake would require leaching with strong acid, dissolution in caustic, or other 
fairly rigorous treatment. 

Effects of zirconium, phosphate and fluoride. As mentioned earlier, low concen- 
trations of phosphate and zirconium prevented the precipitation of manganese 
dioxide. The physical characteristics of co-formed lead dioxide and metathesized 
stannous oxide were unaffected by these ions, but protactinium scavenging was 
seriously impared. The effect of fluoride was similar with all three scavengers, i.¢., 
in the presence of excess thorium, increased fluoride concentration caused only a 
moderate decrease in protactinium decontamination. These effects are shown by the 
data in Table 4 (which are typical for both PbO, and SnO,) for the sca enging of | M 
Th, 1 M HNO, solutions with 0-05 M co-formed PbO,. In the experiments sum- 
marized in the table, fluoride. phosphate, and zirconium were present only one at a 
time. It will be noted that on an equimolar basis the effect of phosphate is about ten 
times that of fluoride and that of zirconium is at least ten times that of phosphate. 
The effects of fluoride and phosphate are not surprising and may be explained in 
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terms of complexing of the protactinium. The behaviour of zirconium was un- 
expected, and it is not obvious whether adsorption sites are being saturated with 
adsorbed zirconium or whether some interaction with the protactinium is occurring 
in solution. 

If it is assumed that the decrease in decontamination in the presence of fluoride and 
phosphate is due to the formation of unadsorbed protactinium complexes, the approxi- 
mate values of the formation constants can be derived from the above data provided 
activity coefficients are neglected and certain assumptions are made. The ratio (R) 


TABLE 4.—Errecr or FLUORIDE, PHOSPHATE AND ZIRCONIUM ON PROTACTINIUM SCAVENGING 


Pa (DF) 
Additive (M) 


HF H,PO, 


ZrO(NO,), 


0 

0-001 - 27 
0-005 95 5 
0-01 65 1-54 
0-02 321 

0-025 46 

0-05 196 15 


0-10 


of the gross protactinium adsorbed in the absence and in the presence of complexing 
agent is given by (DF* — 1)/(DF — 1) where DF* is the decontamination factor in 
the absence of additive. It can be shown that: 


log (R 1) log (K/K’) 


where m is the molar concentration of complexant, 7 is the number of ligands involved 
in the complex, and the thorium and acid concentrations are unity. A and K’ are the 
formation constants of the protactinium and thorium complexes respectiv ely. Since 
the thorium is present in large excess, the | : 1 thorium complex predominates, and 
it is to this that K’ refers. Both sets of data give linear plots with unit slopes. The 
values found for K/K’ were about si xty and 10° for fluoride and phosphate, respectively, 
i.e. the protactinium fluoride and phosphate complexes are about sixty and 10° times 
more stable, respectively, than those of thorium, at least at about 100°C and in one 


n log m 


molar nitric acid solution. 

Full level runs—effect of radiation. Protactinium sca\ enging experiments were also 
performed with solutions prepared from about 2000 MWD/T thorium that had been 
cooled 90-200 days (correspondingly to “Pa concentrations of 2 10" to § 10° 
‘/m/ml). With the short-cooled (ninety day) material, radiation induced decomposi- 
tion proved to be serious with Mn¢ ), and PbO,. The precipitates dissolved completely 
in two to three days of standing in contact with the solution. probably due to reaction 
with nitrite, peroxide, or other reducing materials formed as products of irradiation. 
Protactinium decontamination was poor even at short time periods, presumably due 
tocontinual dissolution of the precipitate and re-solution of the adsorbed protactinium. 
That this was the cause, and not intractable protactinium species or impurities such as 
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zirconium or phosphate, was shown by the fact that the results on long cooled (200 
day material) were as good as those with tracer. In addition, stannous oxide gave 
excellent results (protactinium DF’s of 300 to 600) even on the short cooled material. 
Repeated scavenging with three successive strikes of co-formed MnO, or PbO, gave 
cumulative decontamination factors of the order of 100-1,000 independent of cooling 
time, except that most of the decontamination was obtained on the first strike with 
long cooled and on the second strike with short cooled solutions. Both indicated the 
presence of a small residue (0-1 to | per cent) of non-adsorbed protactinium. The 
amount of this species appeared to be related to the terminal acidity of thorium 
dissolution (although the adsorption experiments were all run at 1 M acid) and 
increased with acidity. 

Experiments with the short cooled solutions as well as with an external gamma 
source showed that the rate of re-solution of MnO, and PbO, was reduced by two 
thirds by addition of excess sulphamic acid, implying that the radiation induced 
dissolution of these materials in nitric acid media proceeds largely by a nitrite 
intermediate mechanism with the balance due to peroxide or free radicals. Addition 
of sulphamic acid to short cooled feeds also improved protactinium decontamination 
with MnO, and PbO, to values approaching long cooled. 


DISCUSSION 


MnO,, PbO,, and SnO, are similar in formula and structure (all exhibit a rutile 
lattice) and all are exceptionally effective scavenging or cO-precipitating agents for 


protactinium. However, the reason for this effectiveness is not apparent. The detri- 


mental effect of high concentrations of thorium and nitric acid is also strikingly 
similar with all three. Qualitatively similar behaviour, at least so far as the effect of 


thorium concentration is concerned, was also observed with the natural adsorbents. 


This uniform behaviour suggests that these phenonema are due to a change in the 


species of protactinium present or to some interaction with the thorium. perhaps the 
formation of a thorium protactinium complex, rather than to changes in the physical 
properties (such as viscosity) of the solution. Study of the effects of thorium and of 
zirconium by a different technique, such as solvent extraction, would be extremely 
interesting. 
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ON THE KINETICS OF THE EXCHANGE OF RADIO- 
ACTIVE HYDROGEN BETWEEN HYPOPHOSPHOROUS 
ACID AND WATER. THE MECHANISM OF THE 
OXIDATION OF HYPOPHOSPHOROUS ACID* 


W. A. Jenkinst and D. M. Yost 


Gates and Crellin Laboratories of Chemistry 
California Institute of Technology, Pasadena, Calif 


(Received 13 April 1959) 


Abstract—The rate of exchange of tritium between tritiated water and hypophosphorous acid has 
been studied. It was found that the rate law for this reaction can be expressed as R = (H,PO,) 
> kk (HA),, where > k,(HA), represents summation over all the Bronsted acids in the system. This 
a 

rate law is identical with the rate law for the oxidation of hypophosphorous acid by a variety of 
oxidizing agents, and it is therefore suggested that the exchange and oxidation reactions take place 


by similar mechanisms. These mechanisms involve two tautomeric forms of hypophosphorous acid 


in aqueous solution. 


IN view of the paramount importance of the chemical and physical behaviour of 
phosphorus, any studies made on it are not apt to be redundant. That tritium also is of 
fundamental importance per se is almost self-evident. That the radioactive properties 
of the latter provide a means of studying some of the curious reactions of hypo- 
phosphorous acid is a happy circumstance which we have exploited and describe 
below. We have found that tritium (T) as T* or T,O exchanges with both of the 
tightly bound hydrogens in H,PO, at an easily measured rate in aqueous acid solutions 
at room temperature. The rate of exchange is very slow in neutral or alkaline 
solutions; this fact provides a convenient way to quench the exchange reaction at any 
Stage. 

Previous investigators’ *) have shown that when hypophosphorous acid, H,PO,, 
is oxidized to phosphorous acid, H,PO,, the rate law for the reaction is the same for 
a variety of moderately strong oxidizing agents. The rate law in acid solution is} 


(H,PO,) S k,(HA) 


d 
(H. PO,) 


k,,.°(Ox) 


Ox 


* Abstracted from a thesis presented by W. A. JENKINS to the Department of Chemistry of the California 
Institute of Technology in partial fulfillment of the requirements for the degree of Doctor of Philosophy. 
+ Present address: Pigments Department, Experimental Station, E. 1. du Pont de Nemours and Com- 
pany, Wilmington, Delaware 
* In all equations, tables, and figures, brackets ( ) will be used to represent concentrations in moles per 
litre of solution. &’s will represent rate constants. Quantities with o superscripts refer to the oxidation 
reactions, and quantities with no superscript refer to the exchange reaction 
A. D. Mitcuet, J. Chem. Soc. 117, 1322 (1920); 199, 1266 (1921); 121, 1624 (1922); 123, 629 (1923). 
R. O. A. MCKeown and R. P. Tayior, Trans. Faraday Soc. 752 (1940) 
*» R. O. Grivritn and A. McKeown, Trans. Faraday Soc. 30, 530 (1934) 
‘) P. Haywarp and D. M. Yost, J. Amer. Chem. Soc. 71, 915 (1949) 
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The notation \ k,°(HA), represents summation over all the Brénsted acids, HA, 


a 
present in the solution.*.*’ The catalytic coefficients k,° and k,”’ are the same for 
all of the oxidizing agents listed in references (1-4) (Cl,, Br, 1,, 10,~, CuCl,, HgCl,, 
AgNQO,). 
When the concentration of the oxidizing agent [(Ox)] is made fairly high, the rate 
law becomes 
: (H,PO,) = (H,PO,) S k,°(HA),. (2) 
dt 
The velocity of the reactions is then independent of the concentration of the oxidizing 
agent and all of the reactions take place at the same rate. 
lhe following mechanism has been proposed” to explain these rate laws: 


[H,PO,), [H,PO,),, (slow) (3) 
[H,PO,},, [H,PO,), (rapid) (4) 
[H,PO,],,; + Ox *e H,PO, + Red (very rapid) (5) 
{H,PO,]; represents the “normal” form of hypophosphorous acid, with the structure 
H QO -[H,PO,)];; represents an “active’’ form, whose structure is as yet un- 
H OH 


known and which is assumed to be much more reactive than the normal form. When 
(Ox) is high, reaction (3) is rate determining, and thus equation (2) is the rate law for 
reaction (3), Reactions (3) and (4) have been shown". to be subject to general acid 
catalysis. 

The exchange studies to be described were undertaken in an attempt to verify 
reactions (3) and (4). The difference between the normal and the active forms 
probably lies in the location of one of the two undissociable hydrogen atoms on the 
acid molecule. If the equilibrium 


[H,PO,], = [H,PO,],, (6) 


exists in aqueous solutions of hypophosphorous acid, and if the two forms differ in 
the location of one of the undissociable hydrogen atoms on the molecule, then 
hypophosphorous acid in aqueous solution should exchange its undissociable hydro- 
gen atoms with water. Since the ready exchangeability of the one dissociable hydrogen 
of H,PO, is of no interest, the reaction investigated in this work is best represented 
by the equation: 

H,POOH HTO — HTPOOH (7) 


where T stands for tritium (radioactive hydrogen). The italicized symbols represent 
the atoms whose exchangeability is under investigation. 
If exchange takes place via reactions (3) and (4), the rate law for the exchange 
reaction (7) should be the same as the rate law for reaction (3), i.e. 
rate of exchange = (H,PO,) S k,(HA),. (8) 


P. NyLen, Z. Anorg. Chem. 230, 385 (1937) 
W. H. ZACHARAISEN and R. C. L. Mooney, J. Chem. Phys. 2, 34 (1934) 
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Other workers'*~® have studied this exchange reaction in a brief, qualitative way. 
Their results, as far as they go, are in complete agreement with ours. 


EXPERIMENTAL 


Preparation of materials 


Tritium diluted with hydrogen was obtained from the Argonne National Laboratories in gaseous 
form. This gas mixture was converted to water by passing it Over copper oxide at 350°. Stock 
solutions of tritiated water so prepared were purified by distillation 

Hy pophosphorous acid was prepared from Baker's c p. sodium hypophosphite by ion exchange 
with Amberlite IR-120-AG. By the method of Jones and Swirr'’”’ it was found to contain, on the 
average, about 0-5 mole per cent phosphorous acid. 

Thallous hydroxide solutions and thallous hy pophosphite were prepared as described previously." 


Radioassay of thallous hypophosphite samples 


In all of the acid solution exchange runs, total hypophosphite* in solution was analysed for 
tritium activity as follows: A sample of the reaction mixture was withdrawn and the reaction 
quenched by neutralization with thallous hydroxide. The resultir g solution was evaporated in 
vacuo to obtain solid thallous hypophosphite The activity of the solid was then measured in a 
windowless Geiger counter (Nuclear Instrument and ( hemical Co., Model D-46A) 


In all cases, the sample holders contained about 200 mg/cm? of tritiated thallous hypophosphite. 
This is about 200 times “infinite thickness” for tritium /-rays. and thus the observed counting rate 
depended only on the specific activity of the material counted." Samples were counted for times 


long enough to reduce the Statistical error to one per cent or less 


Exchange studies in neutral solution 


Neutralization of the acid exchange solution will quench the exchange reaction only if the hypo- 


phosphite ion does not exchange hydrogen atoms with water. We therefore felt that although the 
non-exchangeability of hypophosphite hy drogens in Neutral solution had been previously established, '’ 
the work should be repeated and the results confirmed 

The experiments were carried out both by adding inactive thallous hypophosphite to active 
water and in a second series, by addir g active thallous hypophosp ¢ (prepared by acid solution 
exchange) to inactive water. The solutions were kept at room temperature and then vacuum eva- 
porated to recover TIH.PO.,. which was analysed for tritium activity s described above 

Both sets of experiments confirmed the previously reportec conciusion that over short lume 
periods, H,PO,~ in neutral solution will not exchange its H atoms w ater. For brevity, only the 


results of the second set of experiments are shown in Table 1. The results of the first set were equally 


clear-cut 


Attempts were made to extend the experiments to longer periods of time, to see if a very slow 
exchange could be detected However ill of these attempts were thw c by the slow decomposition 
of hypophosphite which always occurs in neutral, aqueous hypop sphite solutions This 
phenomenon, and the resultant spurious “exchange” caused thereby, is ¢ xemplified by the last result 


in Table | 


Exchange studies in acid solution 


Glass Sstoppered Pyrex flasks containing the reagents were placed in a thermostat w here the 
temperature was held constant to — 0-03 After thermal equilibration, the reagents were rapidly 
mixed. At appropriate time intervals, samples were pipetted out, immediately neutralized with 
TIOH, and then vacuum evaporated 

Since it was necessary to recover pure thallous hypophosphite from the reaction mixture, all 


* Defined as H,PO, 


H. Ertenmeyer, W. SCHOENAUER and G. ScHWARZENBACH, Helv. Chin {cta 20, 726 (1937). 
" A. L. Bropsku, D. N. StRAZHENKO and I L. Cuervyatsova, Dokl. Akad. Nauk SSSR 75, 823 (1950). 
A. 1. Bropsku and L. V. Suna. Dok/. ad. Nauk SSSR 88, 1277 (1952) 


“" R. T. Jones and E. H. Swi tT, Analyt. Chem. 25, 1272 (1953) 
“) W. A. Jenxins and D. M Yost, J. Amer. Chem. Soc. 73, 2945 (1 S51) 
“*) M. L. Evpenorr and J. E. KNOLL. Science 112, 250 (1950) 

A. Jenkins and R. Jones, J. Amer. Chem. Soc. 74, 1353 (1952) 
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foreign ions had to be removed therefrom prior to evaporation. From this standpoint, the runs can 
be divided into five groups 
(1) In group I, only H,PO, and HTO were present. 
(2) In group II, H,PO,, HTO, and TIH,PO, were present 
(3) In group III, the reactant solutions contained H,PO,, HBr, and HTO. Here, Br precipitated 
out as TIBr upon neutralization 
(4) In group IV, H,PO,, HTO, and H,SO, were the reactants. In this group, a solution of BaBr, 
was added to the neutralized samples and the precipitates of BaSO, and TIBr were removed 
by centrifugation. 
(5) In group V, H,PO,, HTO, and H,Ox (oxalic acid) were present. Here, a solution of CaBr, 
was added to the neutralized samples and the precipitates of CaOx and TIBr removed by 
centrifugation. 


TABLE | RESULTS OF NEUTRAL SOLUTION EXCHANGE EXPERIMENTS USING 
MHTPO, anon H,O 


Content time Initial activity inal activity 

(TIHTPO,) prea of TIHTPO, of TIHTPO, 

(counts/min) (counts/nim) 
0-3 I 4600 4600 
03 l 4600 4600 
0-3 3 4600 4600 
0-3 1 hr 1500 1500 
0-3 1 hr 1500 1480 
0-4 10 1500 1450 
0-6 3] 1450 1100 


The activity of total hypophosphite in solution at “infinite time” was obtained in every run by 
letting a portion of the reaction mixture stand for at least ten half-times. neutralizing and evaporating 
it, and counting the TIH,PO, thus obtained 

In all groups except the first, the ionic Strength was kept constant by varying the concentrations 
in an appropriate manner. At least two runs were always made at a given concentration; in many 
of the earlier experiments, three runs were made at a given concentration. All the runs carried out 
at a given concentration are called a “series”. 


Calculations 

It has been shown''*-'5.'* that in homogeneous isotopic exchange reactions proceeding at chemical 
equilibrium, the rate at which the initially inactive species becomes active will be first order if all the 
exchanging atoms on a given molecule are equivalent. Thus a plot of log (1 F) versus time will be 
linear. In our experiments, 


observed activity of TIH,PO, at time ¢ 


(9) 


observed activity of TIH,PO, at 7 J 

Typical plots of this kind are shown in F ig. 1. They show that the required kinetics are obeyed 
From the slope of such a plot, R, the rate at which one of the two equivalent, undissociable H 

atoms of H,PO, is exchanged with one of the H atoms of water, can be calculated from the 

expression'** 

2(H,O) 2%(H,PO,) 


R = 2:3 » slope ’ (10) 
2(H,O) 2X(H,PO,) 


where —(H,PO,) = (H,PO,) — (H,PO,-) 


* J. N. Witson and R. G. Dickinson. J. Amer. Chem Soc. 59, 1358 (1937) 

R. B. Durrietp and M. Carvin, J. Amer. Chem. Soc. 68, 557 (1946) 

G. FRIEDLANDER and J. W. Kennepy, /ntroduction to Radiochemistr\ pp. 285ff. John Wiley, New York 
(1949) H. A. C. McKay, Nature, Lond. 142, 997 (1938): T. H. Norats, J. Phys. Coll. Chem. $4, 


léa 


(1950) N. Davipson and J. SULLIVAN, J. Amer. Chem. Soc. 71, 739 (1949) 
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The rate law for the exchange reaction was established by finding the lependence of R on the 
concentrations of all the pertinent species in the reactant solution 


Weak acid dissociation constants used in the calculations were taken from the work of Gruirvriru 
et (H,PO,), Noyes and (HSO,~), and Dawson er al." (H.Ox) 


o6 
= o4 
03 
o-2 
oi 
! 2 3 4 5 6 7 8 9 10 
Time, hr 
Fic. 1.—Typical plots of log (1 F) vs. time 
Series 1X D: Series X 
Series | Series VI 
RESULTS 


Determination of the rate law 


Sixteen different series of experiments (thirty-nine runs) were carried out at 27-23°C 
to determine the rate law. Since equation (10) was used to calculate R, all the kinetic 
quantities derived from the data apply to the reaction 


HHPOOH ~ THO THPOOH ~ HOH (11) 
The rate law for reaction (11) was found to be 
R Ky (H 4H,PO,) Ku po (12) 


In these experiments, H* and H,PO, were the only acids present in the system. 
Equation (12) is therefore a special case of the general rate expression (8), which was 
expected if exchange proceeded via reactions (3) and (4). 

It was found that at 27-23°C. the two catalytic coefficients, ky. and ky po. were 
equal within the limits of experimental error. Thus equation (12) can be rewritten as 


R H,PO,)'(H,PO,), (13) 


where &'(H,PO,) = (H,PO,) + (H*). Equation (13) is valid only at 27-23°C, where 
the two catalytic coefficients are equal. 

lhe data from these experiments are given in Table 2, where it is seen that equation 
(13) leads to satisfactory rate constants in all three groups. 

he results of groups II and III can also be presented in graphical form. 
Rearrangement of equation (12) shows that in group II, ((H,PO,) constant}, a plot of 
log R vs. log (H,PO,) should be a straight line with a slope of two and a non-zero 
intercept, and a plot of R/(H,PO,) vs. (H,PO,) should be a straight line passing 


') A. A. Noves and M. S. Sueran.. / imer. Chem. Soc. 48, 1861 (1926) 
M. Dawson. C_R Hoskins and J. E. J. Chem. Sox 1889 (1929) 
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TABLE 2.-RESULTS OF EXPERIMENTS IN GROUPS I, II AND III 


Slope R (moles R 
(hr-') hero’) (H,PO)> (H,PO,) 


Series ut (H,PO,) &(H,PO,) (H,PO,) (H*) 


0-161 0-490 0-490 0-329 O161 0-163 0-368 2-28 
Il 0-177 0-572 0-572 0-395 0-177 0-199 0-520 2. 
Ill 0-199 0-700 0-700 0-500 0-199 0-256 0-815 2: 
Group I IV 0-215 0-795 0-795 0-580 0-215 0-284 1-03 2: 
V 0-230 0-891 0-891 0-661 0-230 0-337 1-37 ? 
Vi 0-246 0-997 0-997 O-751 0-246 0-355 1-60 2: 
Vil 0-118 0-300 0-300 0-182 O118 0-125 2 


0-218 0-289 0-097] 0-0712 0-0259 0-0116 0-0153 2-22 
IX 0-218 0-356 0-194 0-141 060-0528 0-0355 0-0579 
Group Il xX 0-218 0-434 0-300 0-219 0©-0809 0-0708 0-140 2: 
XI 0-218 0-508 0-396 0-290 0-106 O-112 0-258 2 
XII 0-218 0-593 0-513 0-376 0-137 0152 0-410 2: 


0-215 0-250 0-397 0-182 O215 0-150 0-172 2-37* 

Group XIV 0-213 0-350 0-468 0-255 0-213 0-171 0-274 2°30 
XV 0-218 0-450 0-547 0-329 O218 0-201 0-413 2-30 

XVI 0-218 0-554 0-624 0-406 0218 0230 0-583 2-29 


These values were rejected Delore averaging 


onic strength 


2 


'O O€ 0:2 
-loq 


Fic. 2 log R vs. - log (H,PO,) for Series VIII-XII, IV 


through the origin. For group III, [(H*) constant], a plot of R/(H,PO,) vs. (H,PO,) 
should be a straight line with a non-zero intercept. These three plots are shown in 
Figs. 2, 3 and 4, respectively, where it is evident that satisfactory straight lines are 
obtained as required by the rate law. 

It is interesting to note that the data in Table 2 are consistent with the Bronsted 
theory of primary salt effects; no variation was observed in Ky+ or Ku.po, with a 
twofold change in ionic strength. 

The values found for the rate constants ky+ and ky po, at 27:23°C, along with 
the estimated maximum error, are: ky 2:28 + 0-11, knoe, 2-28 +. 0-11, 
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R/(H,PO,) vs. (H,PO,) for Series VIII-XII, IV. 


O1 O02 O03 O04 O85 O6 


FiG. 4.—R/(H,PO,) vs. (H,PO,) for Series XII-XVI. IV 


units of litre mole~' hour". The word “mole” in these units refers to gramme-atoms 


of H exchanging, or moles of H ,PO, exchanging one of their two moles of H atoms. 
Throughout this paper the rate constants for the exchange reaction will be expressed 
in these units. 


The catalytic effect of added acids 


In order to establish with certainty that equation (12) was a special case of equation 
(8), the catalytic effect of other acids was investigated in groups IV and V. 

The reproducibility of these experiments was rather poor, probably because 
neither BaSO, nor CaOx was completely removed by centrifugation. Nevertheless. 


clear cut cases of catalysis by the bisulfate ion and undissociated oxalic acid were 
observed. The results of these experiments are presented in Table 3. 

Catalytic coefficients for HSO,~ and H,Ox were calculated from equation (14), 
using a value of 2-28 for ky, and ky po,- The catalytic coefficients found at 27-23 


303 
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are: Kyso,y 3-4 + 1:2, and ky ox = 3-0 + 0-7. Due to the imprecise nature of 
the results, the catalytic effect of HOx~ was undetectable. Gruirritu et al. found 
the catalytic coefficient for HOx~ in the iodine oxidation reaction to be undetectable 


also. 
Further experiments with other acids were not carried out. We feel that in view 
of the above results and the good correlations which can be established with the work 


Taste 3 RESULTS OF EXPERIMENTS IN GROUPS IV AND V 
“ 0-218 


<(H,SO,)* (HSO,) 
Series <(H,PO,) or (H,PO,) or 
<(H,Ox)* (H,Ox) 


slope, R (moles 


0-256 0-104 0-198 0-182 0-0843 0-20 0-03 023 4-4 2 
Group IV 03545 O-ORSS 0-202 0-254 00695 O19 0-02 Ol 
osi2 0-0554 0-208 0-370 0-0453 0-23 0-54 3-2 


Group XX 0-600 0216 0-218 0-439 o-159 0-30 0-02 O83 
0-700 0-218 0-512 00844 0-32 0-04 1-03 41 
* (HSO, ) (SO, ): LCH.Ox) (HOx ) 
Average eviations given he ndicate the reproducibility of the slope values in a series 
For several reasons, this value of / vas weighed twice as heavily as the next in obtaining the final value 


of previous investigators, general acid catalysis has been established beyond reasonable 
doubt for this reaction. The complete rate expression for reaction (11) is then: 


R = (H,PO,) > k(HA),. (14) 


Activation energ\ 


Io obtain the temperature coefficient of this reaction, runs of the group III type 
were carried out at 35-30°. These experiments gave the following values for ky+ and 
Ky po, at 35:30°: ky 7-0 + 04, and ky po. = 45 + 0-2. The corresponding 
activation energies are: Ey 25-6 + 1-3, and Ey po 15-5 1-0 kcal per mole. 


TABLE 4.—-RESULTS OF EXPERIMENTS ON EXCHANGE IN BASIC SOLUTION. 


Temp 


Contact time 
Run (TIH,PO,) OH Apparent °, exchange 
VW 


* Decomposition of H,PO,~ obvious from the nature of the evaporated sample 


Experiments in basic solution 


FRANKE and Moncnu'!*’ have reported that in alkaline solution, the hydrogen atoms on the 


hypophosphite ion will exchange deuterium with deuterated water. A few experiments were conducted 


to check this result 
Inactive TIH,PO, was dissolved in HTO made basic with TIOH. At appropriate time intervals, 
samples of the reaction mixture were withdrawn and neutralized with HBr. The resulting solutions 


were filtered to remove TIBr, evaporated, and the solid washed and counted as usual. 


**) W. Franke and J. Moncn, Liebigs Ann. 550, 1 (1942). 
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The results of these experiments are presented in Table 4. Interpretation of these results is uncer- 
tain because the hypophosphite ion decomposes slowly in basic solution 
H,PO, HPO,’ H,. 


This reaction was obviously taking place to an appreciable extent in the reaction mixtures, and the 


exchange observed may therefore have been the result of phosphite ion exchange rather than hy po- 
phosphite ion exchange. 


DISCUSSION 

The values found by Grirritu et a/. for the rate constants in the iodine oxidation 

4 reaction at 30-0° and ionic strengths of 0-2 to 0-5 are: ky 21, ky PO, 7-6, 
Kiso, 14, Kiyox = 15, in units of litres per mole of H,PO, oxidized per hour. 
a The corresponding catalytic coefficients for the exch inge reaction at 30-0° are: 
ky 3-3, Ku.po, 2-0, Kuso, 4* and k, 
q Comparison of these exchange reaction constants with the oxidation reaction 
= constants shows that except for a drop in all the values, the two sets of constants are 
very similar. This drop is of the correct order of magnitude” for a tritium isotope 

effect. The identity of the two rate expressions, (2) and (14), and the rough agreement 

between the two sets of rate constants leaves no doubt that both the exchange reaction 


and the oxidation reactions proceed in acid solution via essentially identical 
mechanisms. 


2 « 
1. Ox 3°6. 


By analogy with the mechanism suggested by Mrircuett? for the oxidation 
reactions, the mechanism for the exchange reaction would be as follows: 


HTO + HA TA + H,O 


(rapid reversible equilibrium) 
ol. 
11 [H,POOH], + HA- [H,POOH}],, — HA (3) and (4) 
959 
{[H,POOH},, + TA “. [HTPOOH], — HA (rapid) (4E) 
{[HTPOOH}), HA “s [H,POOH},, — TA (slow) (3E) 
bs Since H,POOH becomes tritiated via reactions (3) and (4E), one might think that 
rate measurements would give the rate of reaction (3). This, however, is not the case; 
4 it was the rate of reaction (3E) which was actually measured. Proof of this statement 
4 will be found in the Appendix. In reaction (3E), scission of a P-T bond, rather than 
4 a P-H bond, is the rate determining step. This accounts for the observed isotope 
a effect. This effect is also reflected in the higher value for the exchange activation 
energy: GrirritH et a/.,~ found = 20 kcal per mole; we found = 25 kcal 
4 per mole. 


Reactions (3) and (4) probably take place as follows (dotted lines symbolize bonds 
being made or broken): 


Reaction 3 


H O H OH 


ne} 
— 
_ 
~ 


(3M) 


H OH H OH OH 
Form | 


Form II 
* Estimated from the values at 27-23 


*) W. M. Jones, J. Chem. Phys. 19, 78 (1951); J. Turkevicu and R. K. Smrrn, /hid. 16, 466 (1948) 
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Reaction 4 


OH 


(4M) 


The values for Ey po, found in this work can be used to set a lower limit on the 
value of k,’/k,”". If the frequency factors for exchange and oxidation reactions are 
equal, then 


exp | 


ku,po, L RT J 


which gives a value of 15 kcal/mole for E\;,po,» the activation energy of reaction (3) 
catalysed by H,PO,. 

Since the activation energy of reaction (4) catalysed by H,PO, cannot be less than 
Zero, 


Ke 10 7 10-" at 30°C 
— at 30°C. 
‘3 RT 


GrirFitH and McKeown") and Haywarp have estimated values for k,; k 
of and 10~°, respectively. 


SUMMARY 


The results of the acid solution exchange experiments show that: 

(1) the tautomeric equilibrium, reactions (3) and (4), actually does exist in 
hypophosphorous acid solutions, 

(2) the oxidation mechanism proposed by MITCHELL (reactions (3), (4) and (5)) is 
probably correct, and 

(3) the structure of the active form is probably that pictured in equation (3M), 


OH 


OH 


Other phosphorous compounds exhibit the same sort of behaviour. GRIFFITH 
and McKeown”) and Ny.Len‘2®) have postulated an interconversion between normal 
and active forms of phosphorous acid and also the dialkyl phosphites to explain their 
respective results on the oxidation of phosphorous acid and the dialkyl phosphites by 


iodine. The successful verification of the analogous mechanism for hypophosphorous 


acid by means of exchange experiments suggests that such experiments on these 


systems might also be worthwhile. 


P. Haywarp, Thesis, California Institute of Technology (1949) 
R. O. Grirrira and A. McKeown, Trans. Faraday So 36, 767 (1940). 
P. NyLen, Z. Anorg. Chem. 235, 161 (1938) 
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APPENDIX 


Assume that the mechanism of the exchange is a combination of the reactions 


HTO + HA =H,O + TA, (15) 


HP, + HA = HP, + HA, (3 and 4) (16) 


TP, HP,, TA (GE and 4B) (17) 


b, 


where HP; represents [H,POOH],, HP; represents [H,POOH],,, TP represents [HTPOOH], and 
the b's are rate constants. 
From (17), 


= (TP,) b, — (HA)(TP,) (18) 
at 


The rate that was actually measured in this work was the rate at which total hypophosphite becomes 
radioactive, d/dt<({HTPOOH},). Total hypophosphite can be written as: 


X(H,PO,) = (H,PO,){1 B(H,PO.,). 


In any given run all the chemical concentrations in the sv Stem remain constant; B is thus a constant 
in any given run. 


We now assume that H,PO,~ does not participate in the exchange reactions as such, and that 
HTPO,,~ is formed only by the dissociation of HTPOOH. Then the rate at which total hypophosphite 
becomes radioactive, d/dt(B[HTPOOH}],) will be 1/B times the ite at which H,PO, becomes 
radioactive 


d b, b,’ 
Thus — (BTP;) = — (HPu)(TA) — — (HA)TP,) (19) 
lt B B 


We now note that: 


(a) from (15), (TA) = K,(HA)HTO)/(H,O), where K, is the concentration equilibrium constant 
for reaction (15). 


(b) The water concentration in these experiments is so high compared to the concentration of 
total hypophosphite that the decrease in (HTO) dur ing a reaction is negligible 
Thus, for a given (HA), which remains constant throughout a run, (TA) = const. T’. (19) now 
becomes 


d h,’ h 

— (BTP,) + — (HA)(TP,) — (HP,,)T 
7 dt B B 

tegrating, ( ) CHA) — 

integrating I exp (HA) 

4 at ¢ = 0, (BTP,) = 0, hence C = 6,/(HP,,)T,/b, (HA): 

at? (BTP,) (BTP,) L b, (HP,,)T, b, (HA), 

But F = (BTP,)/(BTP,).., hence (1 — F) = exp —{b’,(HA)/BIr 


Thus the slope of a plot of 


log (1 F) vs. time is 


— b,(HA)/B 
23 


- 


4 
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In the calculation of R, we use the expression, 


R= 23 (H,O)(H,PO,) 


where the factors of two have been left out for the present, and will be taken care of later. Since in 
this reaction, (H,O) > (H,PO,), (21) becomes 


R = 2:3 = slope B(H,PO,). (22) 
For any given acid catalyst, HA, experiment shows that 
R = k (HA)(H,PO,). (23) 


If we now combine (21), (22) and (23), we have k, = 6’;. 

This is the desired result, since it shows that the experimentally measured rate constants, k,, are 
the rate constants for reaction (3E), in which the scission of a P-T bond is the rate determining step. 

The explicit introduction into this development of the factors of two which appear in equation 
(10) can be made in a straightforward way. As it stands, equation (19) gives the rate at which one 
hydrogen of total hypophosphite becomes radioactive. If we divide the right-hand side by two, and 
replace the left-hand side by d{B[(HTPOOH), + (T,POOH),]}/dt, we have an equation which 
represents the rate at which both hyd ogens exchange, which was the rate which was actually measured. 
The remainder of the development proceeds as before, and in the end, the two which remains in the 
denominator of the slope expression cancels the two which should be in the numerator of (21). 

The explicit introduction of general acid catalysis is also simple. Equation (18) should actually 
be written 


d 
(HPy) (TA), — (TP) S (24) 


¢ a a 


The development than proceeds as before; we find 


] 
lope (HA), (25 
Since the true rate law is 
R = (H,PO,) > k,(HA), (26) 


a 
combination of (25), (22), and (26) then gives 


S = Sb’ (HA), 


a a 


essentially the same result that was obtained in the simplified treatment. 
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EQUILIBRIA IN ACIDIC SOLUTIONS OF 
CHROMIUM(III) PERCHLORATE* 


K. EMERSON and W. M. Graven 
Department of Chemistry, t niversity of Oregon, Eugene Oregon 


(Received 2 March 1959: in revised form 13 April 1959) 


Abstract Absorbancy measurements of chromium(III) perchlorate solutions within a pH range 
from two to five have given the absorption spectrum of Cr(OH,).OH 1S well as the equilibrium 
constant for the first acidic dissociation reaction of CriOH,), An attempt to confirm the value 
for this constant by an independent method has produced evidence that the second acidic dissociation 
reaction occurs at the upper limit of the pH range 


More than fifty years ago ByerRuM" observed that the addition of small amounts 
of NaOH to Cr(IIl) chloride or nitrate solutions caused a colour change from blue 
to green. Although he attributed the blue colour to Cr(OH,),** and the green colour 
to Cr(OH,);OH** the absorption spectrum of the latter species has not been reported. 

\pparently no direct attempt has been made to utilize absorbancy measurements 
to obtain the first acid dissociation constant of the hexaquo ion in solutions containing 
no anions capable of complexation. This constant has been determined in solutions 
containing chloride or nitrate ions by conductivity measurements"? of potentiometric 


measurements and indirectly in solutions containing thiocyanate ions by 


absorbancy measurements.) One determination has been made in Cri 111) perchlorate 


solution by estimation of H* concentrations from the catalytic effects upon the rate 
of a chemical reaction.‘ Only one previous investigator has reported the equilibrium 


constant for the second acid dissociation reaction 


EXPERIMENTAI 


Materials. Reagent-grade chemicals and water distilled in a Pyrex glass ipparatus were used in 
preparation and analysis of the Crit) perchlorate solutions 

Chromium(II1) perchlorate was prepared from purihed electrolytic chromium metal by dissolution 
in 30°, HCIO, followed by repeated evaporations from concentrated H(t lO, After several 
recrystallizations from water the hygroscopic crystals still contained several per cent HCIO,. Analyses 
incicated an approximate formula of 3H,O 

Methods. Absorbancy measurements were made at room temperature in | cm silica cells using a 
Beckman DI spectrophotometer AN glass electrode, in conjunction with a Leeds—Northrup pH 
indicator, was used to determine H* concentrations in most of the Cri1I1) so ms with the exception 
of a few in which measurements were made with a hydrogen electrode. Agreement between the 
measurements with the different electrodes was within the uncertainty limits of the glass electrode 
of — 0-01 pH unit 

The total Cri concentrations. [<Cr], were determined spectrophotometrically or iodometrically 
after oxidation by H,O, in alkaline solution 


* Taken in part from the M.A. thesis of K. Emerson. | niversity of Oregor 


N. Byerrum, 7. Physik. Chem. 89, 336 (1907) 
A. B. Lame and G. R. Fonpa, J. Amer. Chem. Soc. 43, 1154 (1921) 
N. Byerrum, 7. Physik. Chem. 73, 724 (1910) 
H. G. Dennam, J. Chem. Soc. 93, 41 (1908) 
C. Postmus and E. I Kino, J. Phys. Chem 59, 1208 (1955) 

*' J. N. BrOnstep and C. V. Kino, 7. Physik. Chem 130, 699 (1927) 
R. F. Weintanp and R. Krens, 7. Anore. Chem 49, 157 (1906) 
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Perchlorate ion concentrations were measured by a cation exchange procedure."*’ An aliquot 
of Cr(IIl) perchlorate solution was placed on a column of Dowex AGSOW-X8 in the H* form. The 


column was washed with distilled water and the effluent HCIO, solution was titrated with standard 


NaOH solution 
Adjustment of the pH of the Cr(III) solutions was accomplished by either of two different 


techniques. In those experiments which involved the spectrophotometer sufficient NaOH solution 


was added to reach the desired pH. The solution was stirred to minimize local excesses of alkali and 


absorbancy measurements followed immediately after the treatment. When measurements were 


made within an hour after preparation of the solutions absorbancy indices at wavelengths greater than 


260 my were reproducible to within 10 per cent at pH’s up to 4-6 


In order to prevent possible polymerization of Cr(III) species in the presence of NaOH solution 


an anion exchanger, Dowex AG3, which had been washed free of chloride with NaOH solution was 
stirred with the Cr(III) solution for a period of time, not exceeding 5 min, which sufficed to raise 


the pH to the desired value. After rapid removal of the resin by filtration the pH was measured 


and aliquots were removed for duplicate determinations of [{Cr] and [ClO,-] Equilibrations of 


the solutions with resin took place in a thermostat maintained at 25-0 0-2 


RESULTS AND DISCUSSION 

Absorption spectra of several Cr(II1) perchlorate solutions are shown in Fig. 1. 
Measurements at wavelengths below 260 my are not reported since reproducibility 
in this region was poor. Curve A was obtained from a 9-68 lO? M Cri(iil) 


/mole cm 


3 
a, A(xl0”~) 


Fic. 1 Absorption spectra of chromium(III) perchlorate solutions 4: Cr(OH,),? 

solution, 9-68 10-7 M, pH 2:28: B Fresh Cr(OH,).OH®’ solution, 

= 9-68 M, pH= 461; Aged Cr(OH,),OH** solution, 
4-71 10-* M, pH 4-67 initially, pH 4°51 after 4 hr 


solution, which at pH 2-28 contained approximately 99°,, Cr(OH,),°*. Curve B 


represents the spectrum of a solution of identical Cr(111) concentration after the pH 
had been raised to 4-61. It is estimated that approximately 80 per cent of the Cr(II) 
species had been converted to Cr(OH,);OH** according to the equilibrium 


Cr(OH,),” Cr(OH,),OH* (1) 


Curve C shows the effect upon a 4-7] 10-* M Cr(II1) solution of standing for 4 hr 
at a pH of approximately 4-6. The pH at the time of the absorbancy measurement 
had decreased to 4:51. Measurements using this solution were not made above 


500 mu. However, it appears that within the spectral region examined polymerization, 


*' O. SAMUELSON, Jon Exchangers in Analytical Chemistr; p. 121. John Wiley, New York (1953) 


Vol, 


|__| 
| 
4 
| | | 
4 4 | | 11 
1959 
| 5 | 
a 
| 
| | | 
4 5 6 7 
1 
4 


Equilibria in acidic solutions of chromium(II1) perchlorate 311 


which undoubtedly accounts for the decrease in pH, reduces the concentration of 
Cr(OH,),OH?* without producing any new strongly absorbing species. 

If it is assumed that, within the pH range of 2-2 to 4-5, the only Cr(IIl) species 
which are present and contributing to the total absorbancy, 1, of a Cr(IIl) perchlorate 
solution are the hexaquo and hydroxopentaquo ions, with molar absorbancy indices 
a and A, respectively, then 


A = a{Cr(OH,),**] + (2) 


From equations (1) and (2) the “apparent” absorbancy index, (i.c.) the ratio of the 


3} 

| 
pH 

4} 
| * 316x10°m 
| 47! 
| 
| 634 
9-42 

ose 

A/\sCr| 
Fic. 2.—Effect of pH upon absorbancy at 440 mu of chromium(II!) perchlorate solutions 


total absorbancy to the total Cr(IIl) concentration. can be related to the H 
concentration by equation (3), 


| bK, 
Cr} = [H*] + 


where K,’ is the equilibrium constant for reaction (1) 

Absorbancies at 440 mu were measured at approximately 25° for each of five 
Cr(III) perchlorate solutions at various H* concentrations within the pH range of 
2:6-4-9. For each solution the “apparent” absorbancy index has been plotted against 
pH and these data, together with the respective &Cr concentrations which span a 
fivefold range, are shown in | ig. 2. The curve which best represents the data was 
constructed using equation (3) and the values of K,’, a and + of 1-09 « 10-4, 9-0 
and 31-9, respectively, obtained from the data by the method of least squares. To 
obtain a absorbancies at 440 mu of five solutions of Cr(II) perchlorate in 
2M HCIO,, covering a fiftyfold concentration range, were plotted so as to test the 
applicability of Beer's law. A value of 9-0 I/mole cm was obtained from the slope of 
the straight line which resulted. 

It is convenient to express the equilibrium concentration quotient, A,, asa 
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function of a variable which represents the extent of acidic dissociation of Cr(OH,),*" 
his is accomplished in equation (4), 
_, 
Kk, =—_, (4) 


fi 


with the use of the variable #, the average number of ligands, in this case OH™, per 


D | a 4 
| 
P } 

pK pK, | pK, 
| 
> 
3.5 35 : 
Negotive K 
025 050 O75 100 
A 
Fic. 3 Variation of equilibrium constant Fic. 4 Effect of ionic strength upon 
h extent of acidic dissociation of equilibrium constants in chromium(III) 
chromium(III) perchlorate. perchlorate solutions 


metal atom.'*”’ Computation of # from experimentally measurable quantities is 


most easily achieved with the use of the expression 


[H*] — (ClO, ] 


(5) 


[he alternative experimental procedure of adjusting the pH, which was described 
in the previous section, produced the data which have been plotted in Figs. 3 and 4, 
all of which were obtained at 25°. The concentrations of ©Cr and ClO,~ which were 
used to compute the pX,’ values were averages of duplicate determinations performed 
after treatment of the Cr(II1) perchlorate solutions with resin capable of removing 
HCIO,. Similar analyses of the same solutions at pH 2 were made prior to the 
treatment with resin. Since only Cr(OH,),**, H* and ClO, were present the H 
concentration could be obtained by difference. Since pH measurements with both 
types of electrodes gave results which in each case were smaller by factors ranging 
from 0-8 to 0-9 it was concluded that these factors represented the activ ity coefficients 
of H*. The H~ concentrations which were used in the computations were obtained 
by applying the same activity coefficient corrections to the pH measurements which 
were made following the treatment of the solutions with resin. Therefore, the 
constants which have been calculated are equilibrium concentration quotients. 
Since it was experimentally impossible to maintain a constant ionic strength the 
approximate ionic strengths of the solutions were computed and found to range 
from 0-04 to 0-4 
The experimental data cover ranges of fi of 0-1-1-0, [ZCr] of 0-01-0-08 M and 


of O-1 10°-*-5 104M. Although the mean value of K,' of 1-05 « 10-4, 


J. Bruerrum, Metal Ammine Formation in Aqueous Solution p. 14. P. Haase, ¢ openhagen (1941) 
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computed from the data with the use of equation (4), is in excellent agreement with 
the spectrophotometric result there are several troublesome points. It may be 
observed in Fig. 3, which is a plot of the computed pK,’ values against the corre- 
sponding values of fi, that in spite of considerable experimental scatter there is a 
perceptible increase of K,’ with #. One measurement. in which the final pH reached 
5-0, resulted in a value of fi of 1-04, corresponding to a negative value of K;, 

his problem may be eliminated by introduction of a second equilibrium 


Cr(OH,);0H** Cr(OH,),(OH),* H 


which requires that equation (4) be replaced by the expression 


l—A _(2— A) 
(7) 
K, 


Data from the twenty-one experimental measurements were fitted to equation (7) 
by the method of least squares to obtain values of K, and K, of 0-80 « 10-4 and 
28 x 10°%, respectively. By using each of these parameters in turn to calculate the 
other for each individual measurement it was possible to obtain pK, and pK, values 
which are plotted against the corresponding calculated ionic strengths in Fig. 4. It 
may be observed that with the use of two equilibria there are no negative values of 
the constants and the dependence upon 7 has largely disappeared. The effect of 
ionic strength appears to be small, in agreement with the observations of previous 
investigators. 

ByeRRUM" obtained values of K, at 25 varying from 0-75 to 1-18 « 10-4, with 
an average of 0-90 « 10-4, in good agreement with the present results. Although 
BuERRUM’s measurements of K, were not made at 25° his experimental heat of 
reaction of 8060 cal may be combined with his data at 17° to give a calculated range 
of K, at 25° of 0-86 to 1-4 = 10°*. These results are only slightly lower than those 
obtained in the present work. 

Other investigators have found slightly higher values of K,. Dennam reported 
results at 25° ranging from 1-0 to 1-5 » 10-4. BRONsTED and Kinc‘®) made their 
measurements at 15 and reported values ranging from 0-61 to 1-06 « 10-4. Lamp 
and FonpA® obtained an average value of 1-58 « 10-4 at 


+ 


25 From their experi- 
mental heat of reaction and measurements at higher temperatures Postmus and 
KING” have computed a value of 1-5 10-4 at 25°, 
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Abstract—The effect of fluoride ion upon uranium(IV) solutions containing ethylenediamine 


tetraacetic acid is explained in terms of the participation of the UI ion in co-ordination. The 


stability constant of this ion with ethylenediamine tetraacetic acid has been measured and its value 


used to estimate thermodynamic quantities associated with the formation of the complex fluoride. 


The general co-ordinating tendency of UI ion is discussed and compared with other systems of a 


similar nature 


Few quantitative studies have been reported on the co-ordination of uranium(1V). 
The behaviour of uranium(IV) in solutions of ethylenediaminetetraacetic acid 
(EDTA) has been studied by Smitu'’ and its behaviour closely parallels that of 
plutonium(IV).’ The uranium(1V) chelate of EDTA has been prepared by 
BRINTZINGER ef a/.,“°’ who studied the general behaviour of this chelate towards 
common reagents and deduced its structure. The study made by HAMILTON et al.* 


indicates that uranium(IV) is substantially converted to a complex ion form in the 


presence of fluoride ion. Uranium tetrafluoride dissolves in a solution containing an 
excess of EDTA, and the present study is an attempt to account for this solubility 


in terms of the complex ion species concerned. 


EXPERIMENTAI 


pH Titrations The technique empl! ved was essentially that previously described The 
titrations were carried out with carbonate-free 0-1000 N potassium hydroxide of solutions of ionic 
strength 0-1 N sodium perchlorate containing the required stoicheiometric proportions of reactants. 


The dipotassium salt of EDTA was purified by the method of BLAEDEL and KNIGHT 


Stock solutions of uranium(lV) were prepared by dissolving uranium trioxide in the minimum 


quantity of perchloric acid and subjecting the diluted solution to cathodic reduction at a platinum 


electrode, reduction being complete within 2 hi The uranium(lV) content was determined by 


titration with standard ceric solution The free acidity of the stock solutions was determined by 


titration with standard alkali until the precipitation of uranium(I[V) hydroxide was complete and 


allowing for the acidity developed by its precipitation 


The sodium fluoride used was anhydrous “Judaction™ material of A.R. Quality. 


The spectra were taken with a Hilger Uvispek spectrophotometer using glass cells and prisms. 


The polarographic measurements were recorded on a Tinsley recording polarograph using an H-type 


cell, one arm consisting of a saturated calomel electrode, in a thermostat at a temperature of 


20 . 0-1°C. Calibration curves were derived for cadmium ion from solutions prepared from A.R. 


cadmium sulphate, 0-10 M in sodium perchlorate. 


! T. D. Smitu. Thesis, University of Wales (1957). 
J. K. Foreman and T. D. Smitu J. Chem. Soc. 1752 1758, (1957). 
A. BRINTZINGER and G. Hesse, Z. Anorge. Chem. 249, 113 (1942) 

" R.A. Day, R. N. Wuicnrre and F. D. Hamitton. J. Amer. Chem. Soc. 77, 3180 (1955) 
W. J. BLaepet and H. T. KNniGut, Analyt. Chem. 26, 741 (1954 
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Fic. 1.—« number of equivalents of alkali per mole of uranium(IV) 
Ratio U : H,Y~* 0:1; 1:05: By 332 


Ratio | 


RESULTS 


The titration curves for uranium(1V) with the dipotassium salt of EDTA are shown 
in Fig. 1, whilst those illustrating the effect of fluoride ion are shown in } ig. 2. The 
curve C,, shows an inflexion the mid- point of which is va to x 3. Upon further 
titration a less definite inflexion occurs at x — 4. The formation of the uranium(IV) 
chelate may be represented as follows: 


U* + H,Y?- = UY + 2H 
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However, the uranium(IV) ion readily undergoes hydrolysis,“ so that even at a 
fairly low pH the following reaction may take place 


U(OH)* H,Y* U(OH)Y~ + 2H" 


Alternatively, or in company with this reaction, the species UY may hydrolyse to 
U(OH)Y~*; the net result of these reactions will be an inflexion at + 3. The 
inflexion at x 4 points to a further hydrolysis 


U(OH)Y~ +H,O — U(OH),Y2- + 


Finally uranium(IV) hydroxide is precipitated at pH 11. 


Extinction coefficient 


vdrochioric acid containing a fourfold exce 


luor de ior 


Curve B; Uranium(IV)-EDTA chelate at pH 3-0 in the presence of a fourfold excess 


ol 


For the uranium(IV)-EDTA system in the presence of fluoride ion the occurrence 


of an inflexion at x — 2 in curves B, and C, illustrates the importance of the initial 


hydrolysis in determining the position of the first inflexion, and may be explained by 


the interaction of the ion UF* with the chelating agent as follows: 


UF* + H,Y?- = UFY- + 2H 


The buffer region at pH 5 indicates that a replacement of the fluoride ion takes 


place as follows: 


UFY OH U(OH)Y I 


Further hydrolysis then occurs as before to give precipitation at pH 11. Curve A, 
shows the case where the fluoride added is only enough to complex half the uranium 
(IV) present, so that the titration curve is the result of both mechanisms, resulting 


in an inflexion at x = 2-5 
A considerable spectral change takes place on adding fluoride ion to a uranium 


(IV) solution, and to one containing EDTA (Fig. 3.) The addition of more fluoride 


R. H. Berrs Canad. J. Chem. 33, 1775 (1955) 
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than that used here does not alter the spectra any further. The uranium(IV) fluoride 

EDTA solutions on standing at room temperature oxidize to uranium(VI): this 
change may be characterized by spectrophotometry and is complete after three weeks. 
The spectrum obtained from a solution containing uranium(IV), fluoride ion and 
EDTA in equivalent amounts at pH 3-0 is the same as that on dissolving uranium 
tetrafluoride in an excess of the dipotassium salt of EDTA. A consideration of the 
methods available for the determination of stability constants pointed to the use of a 


TABLE 


O-8167 0-1833 0-1167 17-63 
1-743 1-639 03607 0-2787 17-56 
2-473 2-375 06251 0-5270 17-35 
33 3-18] O-819] 0-6880 17-37 
4 3-948 1-052 17-34 


ay 17-50 


replacement reaction for measurement of the stability constant for the UFY~ chelate. 
Having established that cadmium ion displaced the uranium fluoride complex from 
its chelate, the polarographic determination of free cadmium ion in equilibrium 
solutions enabled the Stability constant to be calculated. The equilibrium concentra- 
tions are shown in Table | for solutions of ionic strength 0-1 M in sodium perchlorate. 

The method involves a knowledge of the Stability constants of the cadmium 
chelate. The value chosen was log K 16-10 as used by SCHWARZENBACH."”?) The 
complexing of cadmium ion by fluoride is so small as to iTer no competition to 
uranium(1V). 


The exchange reaction may be represented as follows. 
UFY Cd? UF* CdyY* 


stability constant K,., for the uranium fluoride complex is then given by the 
expression 

log Ky-py log | Keay 

[UF* 


DISCUSSION 

The value of the stability constant is comparable with that for the uranium(1V) 
chelate’ when in the form U(OH)Y~. where log K = 17-32, whilst log K for the 
chelate UY is 22-78 under conditions similar to those previously described." Since 
large Stability constants are involved large entropy changes are inferred. If these 
changes comprise a major contribution to the free energy change a correlation may 
exist between the observed stability constants and the partial molal entropy of the 
cations concerned. Such a correlation has previously been suggested for the 


G. ANpereGG, R. Gutt and G. Scuwarzennac H. Helv. Chim. Acta 37, 937 (1954) 
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isostructural rare earth chelates,’ where a fair degree of linearity indicates the 
importance of the entropy of the cations‘® in determining the stability constants. 
If now ions of the actinide series are considered, which have large negative entropies, 
then although the effect of changing the nature of the metal ions will have an 
uncertain effect on the enthalpy changes a correlation is possible (Fig. 4). 

Thus the entropy of the ion UF** is estimated to be —30e.u. and AS for the 
complexing of uranium(IV) by fluoride ion to be 50-3e.u. Such a large positive 
entropy changes reflects the great stability of the complex UF**, similar considerations 


Fic. 4.—Correlation of stability constants with partial molal entropy of the metal ions, 


applying to the formation of the hydrolytic species U(OH)**. These changes may 
be contrasted with those recorded for the thiocyanate and sulphate complexes.“ 
The differences in partial molal entropies between the ions U** and UF**+, U*+ and 


UCNS**, and USO,** are —48 e.u., —26e¢.u. and —4-7 ¢.u. respectively. Of 


the factors contributing to the increase in entropy on complex ion formation th 
increase in the number of particles in the system arising from the release of wate 
molecules from the hydrated cation to the bulk solution plays an important rol 
The entropy increase per water molecule is 16-7 e.u.‘* and assuming that the ert 
differences above may be for the most part attributed to different numbers « 
molecules co-ordinated to the central metal ion the formation of the complex fluoi.de 
would result in the replacement of three water molecules and the formation of the 
thiocyanate possibly two water molecules. The formation of the complex sulphate 
of uranium(IV) then takes the form of an ion pair with no replacement of water 
molecules in the hydrated central metal ion. 

The chelate formed by the ion UF** with EDTA may be compared with those 
formed by cobalt(III) in which the chelates contain pentadentate EDTA and a 
second donor group.‘*'” However the addition of thiocyanate ion and cyanide ion 
to uranium(IV) did not result in the formation of a complex ion which in turn formed 

W. M. Latimer, Oxidat Potentials (2nd Ed.) Prentice-Hall, New York (1952) 
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a chelate with EDTA in solution. The addition of fluoride ion to plutonium(1V) 
results in the formation of a fluoride complex of comparable stability to that of 
uranium(1V)¢" and which undergoes chelation with EDTA. This reagent Is 
particularly suitable for combination with complex ions of this ty pe due to its ability 
to chelate over a wide range of acidity and to adjust the groups necessary for co- 
ordination. The uranium(!V) fluoride complex has been shown to chelate with other 
carboxylic acids such as citric acid. though not with reagents such as sodium 
diethyldithiocarbamate or dibutyl phosphate, both these reagents yielding products 
which are given by uranium(IV) in the absence of fluoride ion. The essential 
requisites for the formation of chelate with the UF** ion are that it be sufficiently 


complexed to overcome competition by hydroxyl ions, and that the co-ordinating 


groups of the chelating agent are not bound to uranium(IV) more strongly than is 
fluoride ion. 


“0 C. K. McLane, Radiochemical Studies The Fission Products, NNES Plutoniun rojyect Record, 
Div. IV. Vol 14B., p 414. McGraw Hill, New York (1949) 
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Abstract—The silver-catalysed reduction of persulphate by potassium oxalate in sulphuric acid 
solution is not attended by the induction period characteristic of the results of previous workers. 
The reaction is first order in persulphate ion and almost independent of oxalate ion concentration. 
This oxidation is much faster than other oxidations by persulphate. The energy and entropy of 
activation have been calculated and a probable mechanism has been suggested. Nitrate, sodium, 
potassium, ammonium and magnesium ions inhibit the reaction in the order given, while sulphate and 
hydrogen ions seem to accelerate the reaction. Urea slightly lowers the rate and Mn(Il) is an 


anticatalyst 


The mechanism of the reaction persulphate with oxalate is not clearly understood. 
As early as 1905 Kempt? reported the oxidation of oxalate by persulphate in presence 
of silver ions, but no detailed systematic study has been made owing to various 
difficulties presented by this reaction. 

KinG™ found that by using different concentrations of the reactants, the velocity 
changed in the expected direction, but no quantitative agreement was obtained and 
the results could not be duplicated, even with all possible care regarding purity of the 
chemicals and cleanliness of the reaction vessel. ALLEN studied the silver catalysed 
and uncatalysed reactions with fairly reproducible results, though the agreement was 
not good. SRIVASTAVA and GHOosH™? obtained reproducible results in the oxidation 
of oxalic acid at 45°C, but the results are only qualitative in nature; in the uncatalysed 
oxidation of arsenious acid‘ by persulphate, these authors could only obtain 
reproducible results by using the same stock solutions and the same sample of 
redistilled water 

So far it has not been possible to calculate the velocity constants from a systematic 
study, although ALLEN has reported that the rate is first order in persulphate ion. 
KinG™ and Srivastava and Guosu™ could not obtain quantitative agreement 
amongst the results and the present work was undertaken to obtain quantitative data 
for the order of the reaction, energy and entropy of activation, so that the mechanism 
may be evaluated. 

We have found, using redistilled water and Jena glass vessels in acid solution, that 
the silver-catalysed oxidation of oxalate is fairly reproducible, and uniform rate 
constants are obtained. The induction period characteristic of the experiments of 
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previous workers almost disappears. A few preliminary experiments showed that 
oxalic acid and normal oxalate react differently with persulphate, and hence they have 
been studied separately. The present paper reports the investigations on normal 
oxalate. A few experiments using potassium persulphate and potassium oxalate led 
us to infer that there is almost no reaction even at 45°C and that the reaction takes 


place with a measurable speed only in the presence of both sulphuric acid and silver 

ions. In absence of sulphuric acid, turbidity due to silver oxalate is obtained 
Kinc™ followed the kinetics by measuring the volume of CO, evolved and 

SRIVASTAVA and Guosn® by estimating oxalate with permanganate. Measurement of 


the volume of a gas evolved from a reaction mixture imposes limitations on the 
accuracy, and estimation of oxalate by permanganate ts not accurate’ in presence 
of MniIl) and the persulphate. We therefore followed the reaction by estimating 
persulphate iodometrically by the method of Szaso et which is simpler than that 
of Bartett and Corman"? as adopted by ALLen™ for studying the kinetics of this 
reaction 


EXPERIMENTAL 


Redistilled water from a quartz vessel was used; all the vessels used fo! Storing stock solutions 


or redistilled water. pipettes, measuring flasks, and the reaction vessel itself. were of Jena glass, the 


latter being coated externally with black lacquer to exclude any photochemical effect 
Chemicals were either B.D.H.A.R.orG.R.E. Merck quality. A.R. sulphuric acid (s.g. 1-84) (Basic 
and Scientific Chemicals Private Ltd., Calcutta.) aad A.R. nitric acid (s.g. 1-4) (Bengal Chemicals 


Ltd.) were used 


Stock solutions of potassium oxalate and silver nitrate were prepared Persulphate solution was 


always freshly prepared and its concentration checked against arsenite’*’ or ferrous sulphate.’ All 


other solutions were prepared in the usual way. 


Calculated quantities of potassium oxalate and potassium persulphate were taken in the reaction 


vessel and placed in a thermostat at 30°C: silver nitrate s ution was kept separately in the same 


thermostat. When the reactants had attained the required temperature, a known amount of silver 


nitrate was transferred to the reaction vessel by meins of a pipette. Five millilitre samples of the 
reaction mixture were taken out after different intervals into a beake containing 2-5 ml of 60 KI. 
Sml of SN HCI and I ml of the catalyst. The cat ilyst was prepared by dissolving 2-59 ¢ of 


Mohr’s salt and 9-82 ¢ of CuSO, in 500 ml of redist lied water; a few drops of conc. H SO, were 
added to clear the solution. In this method of estimation. use of marble pieces has been recommended. 
but we did not use them as no significant improvement was observe HC! checked the reaction by 
precipitating silver as chloride and also by direct inhibition: chlor e 1on has been found to inhibit 
the uncatalysed reaction Unreacted persulphate and CuSO, liberated iodine, which was tit ated 
against 0-04 N Na,S,O, from a microburette. A blank was also run with the catalyst and all other 
reactants except persulphate and the blank was subtracted from the readings of the microburette 
Similar results were obtained when persul!phate or oxalate was added ist instead of silver nitrate 
t 


RESULTS AND DISCUSSION 


[he reaction is first order with respect to persulphate ion and almost zero order 
with respect to the oxalate ion. First-order rate constants were calculated from the 


expression 


2-303 a 


a x 


=~ 
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where a and a ‘ are the concentrations of persulphate initially and at time ¢ and 
Cy, is the concentration of the silver ion. The reaction is in fact bimolecular but is 
kinetically of first order because the concentration of the catalyst, Ag*, remains 
constant. Throughout this investigation 5 ml of the reaction mixture was titrated 
against 0-04 N Na,S,O, and k is expressed in litres mole min, the temperature 


was 30°C unless otherwise mentioned. Table 1 gives the results of one experiment. 


Taste 1.—K,S,O, = 0-02 M; K.C,O, = 0-05 M: 
H.SO, 0-90 M: AgNO, 0-0005 M 
Time Na.S,O, 
(min) (ml) 


Table 2 summarizes the results for different concentrations of persulphate and 
oxalate, the latter being always in excess. It will be seen from this table that the 
reaction is almost independent of the concentration of oxalate. 

However, when the concentration of persulphate and oxalate are nearly the same, 
the velocity constants increase with time in any experiment. When the persulphate is 
in excess of oxalate, the constants are again uniformly constant throughout the 
course of the reaction, but the value of k is much less compared with the value when 
oxalate is in excess, e.g. with 0-02 M K,S,O, and 0-01 M K e©,O, the value of k is 
15-67, which is less than half the value when the oxalate concentration is 0-10 M or 
0-20 M. Thus the reaction is first order in persulphate when oxalate is in excess or less 
than the persulfate; the complication arises when both the reactants are of the same 
concentration. Table 3 gives such results. 

It appears that in this case the reaction is influenced by the oxalate concentration 
also. When calculated by van’t Hoff’s method from the expression 


log (—de,/dt) — log (—de,/dt) 
n 


log c, — log c, 


for two oxalate concentrations 0-10 M and 0-20 M, the order is very nearly 0-1 with 
respect to oxalate. This indicates that the reaction is almost of zero order with respect 
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0 4-92 

5 4-53 33-08 
10 4:16 33-58 
15 3-84 33-08 
4 20 3°46 35-22 
a 25 3-21 34-18 
30 2:88 35-70 
2-66 35-16 
45 2:23 35-18 
a 50 2-01 35-82 
7 55 1-85 35-56 
60 1-68 35-82 
65 1-58 34:96 
q 70 1-43 3§-32 
Average 34-94 
7 
: 

a 
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TABLe 2.—H,SO, = 0-90 M: AgNO, = 0-:0005 M 


K,S,O, K.C,O, 


k 
(M) (M) 


0-02 0-04 
0-02 0-05 
0-02 0-10 
0-02 0-20 
0-03 0-20 
0-04 0-20 


TABLE 3.—H,SO, = 0-90 M: AgNO, = 0-0005 M 


0-04 M K,S,O, 0-02 M K,S,O, 0-02 M K,S,O, 


0-04 M K,C.O, 0-02 M K,C,O, 0-01 M K,C,O, 
Time 


( 
mn) | Na,S.0, Na,S,0, Na,S,0, 


(ml) (ml) (ml) 


9-84 
24 25-14 
29-30 
30-46 
32-08 
33 


to oxalate ion when in excess. However, when the oxalate is less than or of the same 
concentration as persulphate (0-01 M and 0-02 M of oxalate). the order is 0-5 with 
respect to oxalate. Hence the total order of the reaction should have been 1-5 
(excluding the catalyst) and the velocity constants should have decreased with time 
in any experiment. On the other hand, the constants increase, indicating the order to 
be less than one. As expected, fairly uniform half-order rate constants are obtained 
for the first two experiments of Table 3; these (Table 4) have been calculated from 
the relation’ 
l 


kt 


n 


2) A. A. Frost and R. G. Pearson, Kinetics and Mechanism p. 14. John Wiley, New York (1953). 
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34-9 
37-8 
36-9 
37-6 
ae 
ey 
j 0 4-92 4-92 
7 5 4-70 18-32 4-80 9-95 
10 4-46 19-64 4-60 13-19 
ol, 15 4-15 22-72 4-36 16°12 
11 20 3-90 23-22 4-17 16°56 
959 25 3-66 23-68 3-98 16°64 
30 5-86 34:56 3-30 26°62 3-82 16°87 
‘ 35 5-21 36°36 3-09 26°58 3-60 17-86 
4 40 4-67 37-26 2-83 27-66 3-46 17-60 
‘ 45 4-17 38-16 2-65 27-52 
50 3-74 38-70 2:39 28-88 3-18 17-46 
7 55 3-30 39-74 3-07 17-16 
> 60 2-9] 40-62 2-02 29-68 2-96 16-94 
65 2:58 41-20 1-88 29-60 2-85 16-76 
; 70 2:32 41-30 1-70 30-24 2-76 16-32 
Average 15-67 
I | 
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where C, and C are the concentrations of persulphate initially and at time 7, and n is 
the order of the reaction. These are not specific rate constants and hence cannot be 


compared with the constants in the previous tables; furthermore, the concentration 
of the catalyst has not been considered in the above relation. The constants show 
however that the reaction may become of half-order in persulphate under certain 


TABLe 4.—H,SO, 0-90 M; AgNO, ~ 0-0005 M 


0-04 M K,S,O, 0-02 M K,S,O, 
0-04 M K,C,O, 0-02 M K,C,O, 


Time 
(min) 


Na,S,O, Half-order Na,S,O,  Half-orde: 
(ml) constant (ml) constant 


: 0-0384 4-70 0-0200 
10 8-50 0-0444 4-46 0-0201 


15 7-83 0-044] 4-15 0-0240 
20 7-14 0-0465 3-90 0-0243 
25 6°50 0-0467 3-66 0-0244 
5-86 0-0466 3-30 0-0267 
35 5-21 0-0488 3-09 0-0263 
40 4-67 0-0488 2-83 0-0268 
45 4-17 0-0488 2-65 0-026? 
50 3-73 0-048 1 2:39 0-0269 
3-30 0-0480 

60 2-9] 0-0477 2-02 0-0266 
65 2-58 0-047] 1-88 0-026! 
70 2-32 0-047 1 1-70 0-0269 


TaBLe 5.—K,S,O 0-02 K,C,O, 0-05 M: 
H,SO, 0-90 M AyNO 0-0005 M 


Temperature 
(C) 


conditions. The complexity of the reaction is underlined by the fact that k tends to 


increase with time in all cases, even the half-order values. 
Tables 3 and 4 lead to the conclusion that there is one step involving oxalate ion 
which normally is not important, but becomes so when oxalate and persulphate are 


of the same concentration. 
[he rate constants at 35° and 40°C are shown in Table §. 
The energy of activation calculated from the Arrhenius equation is 12-9 kcal 


mole™’ over the range 30-40°C. The average frequency factor* is 1-3 10° 1. mole— 
sec’ and the entropy change? is —17-7 E.U. These values correspond to the overall 
* Calculated from the relation, é Ae BRT where A is the frequency factor. 


* Calculated from the relation, k (kT{h). eR |g B/RT where \S is the entropy change. 
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reaction, which probably consists of a number of steps, and the frequency factor and 
the entropy change for the rate determining step may have quite different values from 
these overall figures. 

Table 6, gives results for different concentrations of AgNO, and shows the 


TABLE 6. 


K,S,O. = 0-02 M; K,C,O, — 0-05 M: 
H.SO, 0-90 M 


Concentration of 
silver ion (M) 


0-00025 (AgNO,) 
0-0005 (AgNO,) 34-9 
0-001 AoNO,) 33-6 
0-001 (Ag,SO,) 


approximately linear relationship between silver ion concentration and the velocity 
constant, and also that AgNO, and Ag,SO, show similar catalytic behaviour. 


Mechanism 

[he observed entropy of activation is more negative than the normal value of 
about —12 E.U. for a bimolecular reaction, and does not support the generally 
\g 280 \g° 


determining Step there should be an increase in the entr py 


since if this were the rate- 
13 


accepted mechansim 
In fact the reaction 
is very complex and we believe the probable mechanism to be the following 


S,0,2- 280, 
2SO,~ + Ag* + Ag? 
C,0,? —» Ag 


(rapid) (1) 
(slow) (2) 
(fast) (3) 

Alternatively Ag* may react with water to give OH radicals: 

Ag® 2H,O -» Ag 2H 20H 

20H —+ 20H 2C0, 


(fast) (4) 
(fast) (5) 
The mechanism involves a prior equilibrium which lies much towards the left. 
followed by a termolecular rate-determining step for which the entropy change may 
be positive; a similar mechanism inv olving the slow step (2) has been given by the 
authors for the oxidation of Mn(I]).4415 The rate of reaction will be giy en by 


de/dt K[SO, [Ag 


and also K = [SO,-F/[S,0,*] 
Hence de/dt = k, . Ag’) 
>] 


18) A. A. Frost and R. G. Pearson, Kinetics and Mechanism p. 132. John W iley, New York (1953) 
) Y. K. Gupta and S. Guosn. J Inorg. Nucl. Chem. 9, 178 (1959). 
'*) Y. K. Gupta and S. Guosn, J. Indian Chem Soc. 35, 483 (1958) 
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where & is the velocity constant of the overall reaction. Hence k = k,. K[Ag*], 
and k, = k/K[Ag*]. Experimentally we have determined k/[Ag’], the value of which 
is 34-94 1. min“. 

It appears that step (3) (or (5)) is quite fast when oxalate is in excess of persulphate. 
When, however, their concentrations are nearly the same, these ste ps appear to have 
rates comparable with that of (2), so that the intermediate Ag** (or OH) is not used up 
instantaneously and accumulates in the system. This also will liberate iodine from 
KI, thus decreasing the value of —dc/dt. In time the concentration of Ag’* or OH 
increases and hence the rate of (3) [or (5)] increases. The velocity constants gradually 
increase, as may be seen from Table 3 

The reaction is half order in persulphate when oxalate and persulphate are of the 
same concentration, when possibly the slow step becomes SO, Ag’ —- SO,* 

Ag* 


SPECIFIC EFFECTS OF OTHER IONS 


[he oxidation of oxalate by persulphate is very much influenced by certain ions, 
and Srivastava and Guosu'' found that halide ions inhibited the oxidation of 
oxalic acid by persulphate. This could not be studied in the present case as halide 
would be precipitated as silver halide. However, several other electrolytes have been 


used to study specific ion effects. 


Effect of varying the concentration of H,SO, 

Table 7 shows the effect of increasing the concentration of sulphuric acid. 

The constants varied considerably in any experiment, and the above table gives 
only the average values. It appears that SO,*-, or HSO,~, or H*, or all of these. 


accelerate the reaction. 


Specific effects of ions in absence of sulphuric acid 

In the presence of certain salts the reaction proceeds with a measurable speed even 
in the absence of sulphuric acid, and no white turbidity appears in the solution. 
Table 8 shows the results of such experiments 

It is seen that apart from keeping silver in solution, MgSO, enhances the rate by 
the specific effect of Mg** or SO,*~ or of both. This increase in the rate is probably 
not due to positive salt effect, which would suggest"® a reaction between similarly 
charged ions, since the slow step depends on the concentrations of silver and persulphate 
ions; silver ion is positively charged, but the assumption of a positively-charged ion 
from S,O,*~ would be far-fetched. Hence a positive salt effect is unlikely, although 
in view of the complexity of the reaction this cannot be stated with certainty. It 
appears, therefore, that SO,*~ is responsible for the increased rate. Nitrate ions 
greatly inhibit the reaction. In HNO, the reaction is probably facilitated by hydrogen 
ions, but is retarded at higher concentrations of HNO, by the inhibiting action of 
nitrate ions. The action of magnesium and ammonium ions is discussed below. 
Spec ific effect of ions in presence of H,S¢ ds 

lable 9 shows that the velocity constants decrease with increase in the concentra- 


tion of electrolyte. It seems that nitrate ions inhibit the reaction. and ammonium and 


\. M. HuGues,. The A i Re f in Se tion p. 9S. Oxford Unive iv Press (1947 
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I lectrolyte 


MgSO, 
MeSO, 
MgSO, 
Me(NO 
(NH,).SO, 
(NH,),SO, 
NH,NO, 
HNO, 
HNO, 


TABLE 9.—K 


Electrolyte 


K,SO, 
K,SO, 
Na,SO, 
Na,SO, 
NH,NO, 
NH,NO, 
KNO, 
(NH,),SO, 
(NH,),SO, 
MgSO, 
Urea 
MnSO, 


K.C,O 


H.SO, 


TABLE 
0-05 M: AgNO, = 0-0005 M 


0-018 
0-036 
0-054 
0-090 
0-135 
0-180 
0-900 


TABLE 8. 
K.C,O, 0-05 M; AgNO 


K,S,O, 


0-02 M: 
O-1I8 M: 
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K,S,O, = 0-02 M: 


No reaction 
very slow 


5.9 


Concentration 


(M) 


0-125 
0-250 
0-500 
0-250 
0-250 
0-500 
0-500 
0-147 
0-294 


0-02 M: 
0-0005 M 


K.C,O, 


O-OS M: 


AgNO, 0-0005 M 


Concentration 


(M) 


0-125 
0-250 
0-125 
0-250 
0-125 
0-250 
0-250 
0-125 
0-250 
0-250 
0-100 
0-100 


10-2 
5-4 
3-3 

15-1 
7-3 

19-0 


21.> 


very slow 
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(M) 
|_| 
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4 ? 
4 
4 
4 
23.9 
19-9 
13-8 
17-5 
q 
a 


Y. K. Gupta and S. Guosu 


Taste 10.—K,S,O, — 0-02 M; K,C,O, = 0-05 M: 
0-0005 M 


MgSO, = 0-25 M; AgNO, 


H,SO, 
(M) 


0 
0-09 


No MgSO, 
but 0-18 
(M)H,SO, 


magnesium ions are less inhibiting than potassium or sodium ions. Urea slightly 
lowers the rate and Mn(II) is an anticatalyst for this reaction. 


Reaction in presence of H,SO, and MgSO, 

In the presence of both H,SO, and MgSO, the rate is less than in the presence of 
only one of these, despite the fact that both hydrogen and sulphate ions accelerate 
the reaction while the inhibiting action of magnesium ions is slight. However, if 
H,SO, is in excess, there is no change in the rate with increasing concentration of 
MgSO,. Table 10 gives results for 0-25 M MgSO, at different concentrations of H ,SO,. 

[he decrease in the rate may be due to the decrease in the concentration of the 


sulphate ions due to suppression of ionization by a common ion effect. 
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SPECTROPHOTOMETRIC AND CONDUCTOMETRIC STUDIES OF 
ANHYDROUS FERRIC CHLORIDE DISSOLVED IN PURI 
NITROMETHANE OR IN NITROMETHANE-CARBON 
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Abstract— Absorption spectra and conductance measurements are given for anhydrous ferric chloride 
dissolved in nitromethane and in nitromethane-carbon tetrachloride. Empirical relationships 
between measured values and concentration terms are illustrated. Equilibrium processes to explain 


these data are proposed. 


SOLUTIONS of concentration less than 0-01 moles/|. can be prepared simply by dissolving 
anhydrous ferric chloride in pure dry nitromethane, methanol, or benzene. These 
yellow-red or green solutions can be diluted with carbon tetrachloride 

The yellow-red solutions of anhydrous ferric chloride dissolved in pure nitro- 
methane or in nitromethane—carbon tetrachloride absorb light strongly between 3000 
and 6000 A with a well-defined maximum near 3770 A. Solutions containing less than 
0-85 moles/l. of nitromethane show a visible blue fluorescence. Measurements showed 
that the fluorescence extends from near 4300 A to at least 3000 A, the lower wavelength 
limit of our measurements. Increases of nitromethane or ferric chloride concentrations 
decrease, but never entirely eliminate, the fluorescence 

A flocculent red-brown precipitate forms within 30 min at ferric chloride concentra- 
tions greater than 0-01 moles/I. in nitromethane and 0-001 moles/l. in a two molar 
solution of nitromethane in carbon tetrachloride. At lower ferric chloride concentra- 
tions the solutions remain optically clear even over periods of many hours. The 
fluorescence and precipitate formation, just mentioned, will be discussed in detail in 
another work.‘ 

Beer’s law is not obeyed by dilute ferric chloride solutions in nitromethane or 
nitromethane-carbon tetrachloride, even to the long wavelength side of 4300 A 
where there is no fluorescence (Fig. 1). In this paper are given detailed spectro- 
photometric (measured between 4300 and 6000 A) and conductometric data for 
solutions of ferric chloride in nitromethane or nitromethane—carbon tetrachloride at 
20 and 40°C. The concentration limits of the solutions studied were 9-256 to 18-52 

* To the short wavelength side of 4300 A the measured optical density was observed to incr 


light source intensity decreased. In each case the opt cal density could be sroduced with constant intensity 


light sources used together with different Beckman Model Du Spectrophotometers 
) Pp. A. D. pe Marne and M. M. pe Marne. In preparation. 
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moles/l. of nitromethane and 0-0007605 to 0-0068445 moles/I. of ferric chloride. 
Detailed analyses of the data are given. 


EXPERIMENTAL 


(1) Purity of chemicals 


Fisher Anhydrous Purified Grade ferric chloride (Lot no 780707) and Fisher Spectro-grade 
nitromethane and carbon tetrachloride were used without furthe: purification. Immediately before 


hly satur 


use, all materials were thorou ted with pure dry nitrogen (dew po! t less than 40 C) 


containing less than 0-01 per cent oxygen and supplied by Albany Welding ¢ ompany 


(11) Sample preparation 


Accurately w eighed quantities of ferric chloride were dissolved in nitromethane to give standard 
solutions of approximately 0-02 moles/|. Portions of these standard solutions were further diluted 
to a variety Of concentrations with nitromethane and carbon tetrachloride. Also made were blank 
solutions contai ung identical concentrations of nitromethane and carbon tetrachloride. but no ferric 
chloride 

All operations were carried out in an Isolation Box made of chemically resistant Plexiglas 55. 
Prior to each experiment all air and moisture were displaced by runni ig pure dry nitrogen into the 
DOX. Solvents were dispensed from nit ogen operated automatic burettes whose tips were inserted 
into the Isolation Box. All glassware was cleaned in chromic acid solution. rinsed thoroughly with 
distilled water and methanol in turn, heated to 140°C for at least an hour, and finally blown with dry 
nitrogen 

Preliminary experiments made without the Isolation Box for sample preparation, indicated that 


contact with minute amounts of atmospheric water vapour could lead to “spurious” results, 


(int) Spectral measurements 


All measurements were made with a line-operated Beckman Model Dl Spectrophotometer, 
equipped with a photomultiplier tube, a temperature controlled cell compartment through which was 
passed a stream of nitrogen, and I cm quartz stoppered cells with an appropriate solvent blank as 
reference 

This spectrophotometer, and a second battery-powered instrument used to check data for a few 


samples, were both calibrated by a method described elsewhere."?’ The cells were filled and stoppered 


under a special Plexiglas hood in an itmosphere of pure nitrogen. Reproducibility tests, made with 
freshly prepared samples, showed that measured optical densities greater than 0-050 and less than 


1-200 units were accurate to better than two per cent 


(iv) Conductometric measurements 


All measurements were made with a General Radio Company Impedance Bridge (Type 650 pb 
and a Leeds and Northrup type cell (cell constant 0-11606 cm~ was checked frequently with Fisher 
Standard KCI solution) immersed in a thermostat. accurate to within 0-02 C of the temperature 
preset with a National Bureau of Standards Calibrated thermometer. To facilitate a sharp “null-noise” 
point, the Impedance Bridge was fitted with two precision variable capacitors with values of 17-250 
and 5-70 pF 

Measurements were made immediately after absorption spectra were recorded Reproducibility 
tests showed that measured values are accurate to better than one per cent; and the resistance of the 
solutions showed no measurable change even after 12 hr 


RESULTS 


(7) Spectrophotometric 


Measurements of the absorption spectra of anhydrous ferric chloride dissolved in 
pure nitromethane and in nitromethane-carbon tetrachloride mixtures showed that 
Beer's law is not obeyed (Fig. 1) and that the absorption intensity of a given ferric 
chloride concentration varies with the solvent composition (Fig. 2). Plots of the molar 


P. A. D. pte Maine, J. Chem. Phys. 27, 1192 (1957). 
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Plots of the molar extinction coefficient at the indicated wavelengths vs the ferric 
chloride concentration. The solvent is pure nitromethane. Temperature 20 ¢ 


TABLe 1.—S topes (S) AND Positive INTERCEPTS (¢,,.) FOR THE STRAIGHT-LINE PLOTS OF MOI AR EXTINCTION 
COEFFICIENT VS. FERRIC CHLORIDE CONCENTRATION FOR SOLUTIONS WITH FIXED AMOUNTS Of 
NITROMETHANE AS INDICATED. WAVELENGTHS ARE GIVEN. TEMPERATURE OF MEASUREMENT Was 20°C 
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extinction coefficients vs. ferric chloride concentrations (Fig. 3) are linear at all wave- 
lengths between 4300 and 6000 A for each fixed solvent composition at each tempera- 
ture (20° and 40°C) studied. The slopes and positive intercepts for all such linear 
relations at 20°C are listed in Table 1. Plots of molar extinction coefficients of FeCl, 
vs. nitromethane concentration (Fig. 4) were found to be linear for all ferric chloride 
concentrations at all wavelengths and temperatures studied. In Table 2 are given the 


slopes and positive intercepts for the latter linear relations at 20°C. 


a 
4 332 
320 Ae 
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© 240} 
“a 
‘a 
1 20 30 ac 50 60 70 
[FeC\, conc. (mole / x10* 
18-52 16°66 14-81 12-96 9-256 
moies ) 
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me 40 32-3 300 29-5 460 28-5 580 27-0 17-6 
3-0 1060 29-3 520 269 660 26:1 800 231 
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3 5600 300 «15-9 760 18-8 480 18-6 340 160 600 16-0 400 16-4 
. $700 60 13-2 440 15-9 480 16:7 400 15-2 $60 14-0 280 15-0 
a S200 200 13-0 160 14-2 440 15-4 400 14-0 380 13-3 380 14-9 
4 
4 
4 


Inorganic salts dissolved in non-aqueous or in mixed solvents 


Left ordinate 


8 


Optical density / FeC\, conc. (mole / \) 


MeNO, conc. (mole 


Fic. 4.—Plots of the molar extinction coefficient at the indicated wavelengths vs. the nitro- 
methane concentration. The ferric chloride concentration is 19-013 = 10~* moles/I. 
Temperature 20°C, 


TasBLe 2.—Stopes (S) AND Positive INTERCEPTS (e,) FOR THE STRAIGHT-LINE PLOTS OF MOLAR 
EXTINCTION COEFFICIENT AT 20°C VS. NITROMETHANE CONCENTRATION FOR SOLUTIONS CONTAINING 
THE INDICATED AMOUNTS OF FERRIC CHLORIDE 


Ferric chloride 
conc. x 10* 
(moles/l1.) 


Wavelength (A) 


4300 
4400 
4500 
4600 


4700 
4800 
4900 
5000 


5100 
5200 
5300 
5400 


(ii) Conductometric 


Plots of the molar conductance (measured at 20°C) for solutions with fixed amounts 
of nitromethane vs. the square root of the ferric chloride concentration appear to be 
linear for each nitromethane concentration (Fig. 5). The slopes of these plots do not 
change measurably when the nitromethane concentration is altered; but the positive 
intercept increases as the nitromethane concentration is increased (Table 3). Molar 

5a—44 pp.) 
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Fic. 5.-Plots of the molar conductance versus the square root of the ferric chloride concentra- 
tion for solutions with the indicated amounts of nitromethane. Temperature 20°C. 


TABLE 3.—-POSITIVE INTERCEPTS (/,) AND SLOPES (S) 
FOR THE STRAIGHT-LINE PLOTS OF MOLAR CONDUCT- 
ANCE AT 20 C VS. THE SQUARE ROOT OF THE FERRIC 
CHLORIDE CONCENTRATION FOR SOLUTIONS WITH 
NITROMETHANE CONCENTRATION AS INDICATED ON 


THE TABLE 
Conc, of 
nitromethane /, S 
(moles/1.) 
18-52 769 260 
16°66 72-0 280 
14-81 68-0 270 
12:96 62°5 290 
57:1 284 
9-26 48-0 280 


conductance of these systems increases with temperature. In each case it was 
shown that the molar conductance of the solvent amounted to less than one per cent 
of the molar conductance of the ferric chloride solutions. 


DISCUSSION 


(1) Solutions with unvaried nitromethane concentration 

lhe linear relationships, just described, cannot be explained by supposing that in 
the solutions there is only partial ionization of the ferric chloride to give mono-, di- 
or tri-valent ions. The comparatively high molar conductance found for ferric 
chloride dissolved in pure nitromethane or in nitromethane-carbon tetrachloride 
(Fig. 5) indicates that relatively high percentages of the anhydrous solute must be 
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ionized.* The straight lines obtained for plots of molar extinction coefficient versus 
ferric chloride concentration suggest that at least one reversible reaction must involve 


specific interaction between two separate molecules each of which contains only one 
iron atom. 

\ detailed mathematical analysis shows that the linear relations for both spectro- 
photometric and conductometric values as a function of ferric chloride concentration 
for solutions with fixed amounts of nitromethane, can be explained only by supposing 
that one of the following two processes occur :+ 


FeCl, + FeCl, = complex = FeCl, FeCl, (A) 


K, K, 


FeCl, + FeCl, = complex = Fe,Cl, C] (B) 
K, Ky 


lo avoid important contradictions of experimental results, one must assume that in 
each mechanism the complex concentration is very, very much less than half the ion 
concentration. This complex could be formed by one of the following two mechanisms: 

(a) Partial overlap of pure or modified 3d orbitals belonging to different iron atoms 

(b) Charge-transfer between a filled 3p orbital of one of the bonded chlorine atoms 
and an empty 4p or 3d orbital of an iron atom. Both empty orbitals may be modified 
by hybridization. While charge-transfer bonds of this type are expected to have 
considerable ionic character‘ (i.e. ion-pairs), our experimental evidence suggests a 
covalent charge-transfer linkage. 

[he components in both (A) and (B) may be “‘solvated”’ in the normal way. 

[he following equations describe the measured molar extinction coefficient (e,) 
and the molar conductance () for processes (A) and (B). 


Pleo 2e,) Kyl 2p) 


Bug 


In these equations, ¢,, &), £2, and ¢, are the molar extinction coefficients for FeCl,, the 
complex, and the two ions respectively; C, is the measured total ferric chloride 
concentration in moles/l.; p— y/(K,K,)/(1 + 2\/(K,Ks): A, and B are the 
customary Onsager Constants.'* 

In the derivation of equations (1) and (2), the concentration of complex was assumed 
to be very much smaller than the concentration of either ion. | quation (1) predicts 
that the slope for straight line plots of «, vs. C, (Fig. 3) can be either positive or 
negative, depending on the relative values of ¢, and ¢,. Thus the negative and positive 
slopes found at all concentrations of nitromethane (Table |) at both 20° and 40°C 
can be explained. The spectrophotometric data for solutions with constant amounts of 

* Simple calculations show that more than 40 per cent of the anhydrous ferric chloride is ionized at a 
concentration of 0-0068 moles/l. in pure nitromethane. An ionization process. FeC! FeCl, Cl~ and 
a limiting molar conductance of 130 for FeCl, were assumed. 

Assumption of more than one ionization step and subsequent polymerization between ions or 
copolymerization with undissociated ferric chloride, leads to important contradictions of the experimental 


results. The mechanism FeC! FeCl Cl and FeCl FeC}] FeCl.* or Cl FeCl, 
FeCl,~ cannot explain our data 


R. S. Mucumen, J. Phys. Chem. 56, 801 (1952). 
" S. Giasstone, Texthook of Physical Chemistry (2nd Ed.) p. 905. Van Nostrand New York (1946) 
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nitromethane cannot be explained with the second step in processes (A) and (B) 
omitted. X-ray evidence“ for the formation of the dimer, Fe,Cl,, at low concentrations 
in aqueous solutions supports our view. 


(ii) Solutions with ferric chloride concentration constant 


The linear relations for spectrophotometric data from solutions containing fixed 
amounts of ferric chloride, indicate a second equilibrium process involving specific 
interaction between a species of nitromethane and FeCl,, Fe,Cl,, or the ions. 
Mathematical considerations suggest that processes (A) and (B) should be modified 
thus: 

FeCl, + FeCl, = complex = tons 
Ky Ry 
and Fe ions + (MeNO,), = complex** with K, large 
3 


OR FeCl, +(MeNO,), = complex* and complex* -- FeCl, = complex*** = ions 


Alternate models which assign a greater role to the dielectric constant of the 
solution cannot be discarded entirely at present. Detailed conductometric studies 
with a Jones Precision Bridge would be helpful. 
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*) Work by P. A. D. pe Maine, M. M. pe Marne and A. G. Goate, Trans. Faraday Soc. $3, 427 (1957), 
indicates that the species may be (MeNO,),. 
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Abstract—The distribution of cupric propionate between chloroform and water gives distribution 


constants of the form 


Concentration of copper in aqueous phase 


¢ Conc of copper in chloroform p 


The c Ipric propionate ts therefore present in the chloroform pha is a dimer, [( (OOCC.H.),). 


analogous to that in hydrated cupric acetate. The dimer is show: oscopically to be anhvdrous 


ind unsolvated and its structure is confirmed by the addition of one molecule only o vridine for 


each copper atom 


Since X-ray analysis of hydrated cupric acetate by VAN Niekerk and SCHOENING" 


revealed the unusual structure of the dimeric molecule, [Cu,(OOCCH,) (OH,),], (11). 
the presence of the Cu-Cu bond has been supported by observation of th 1omalous 
behaviour of the paramagnetic susceptibility."-’ Magnet tudies of cupric propionate, 
butyrate, and some higher homologues suggest that a similar structure occurs in 


these also.“ 


In the present work the distribution of cupric propionate between chloroform and 


water has been shown to give distribution constants of t form 


Concentration of copper in aqueo pha 


‘Conc. of copper in chlorofor 


The fourth-root function in the distribution constants sh 


is present in the dimeric form, Cu,{OOCC,H;),, in chloroform solution, distribution 


between the solvents being accompanied by the reaction 


2600CC,H,) Cu,(OOCC,H,),, (1) 
4 Equation (1) represents the overall equilibrium resp ble for the form of the 
a distribution constant, but since distribution between the solvents cannot occur 
4 without a species common to both solvents, formation of the dimer probably proceeds 
q by way of the monomeric cupric propionate: 

Cu(OOC-C,H,) (OOC-C,H,) Cu(OOC-C,H,), (2) 


in accordance with SipGwick and TIZARD’s demonstration” that. at the concentra- 


tions used, cupric propionate in aqueous solutions is present almost wholly in the 


* Present address: (¢ hemistry Dept., University of New South W Kensington. N.S. W Austr 


J. N. vAN Niexerk and F. R. L. ScHoeNtING, Nature, Lond. 171, 36 (1953). 

2) B. N. Ficots and R. L. Martin, J. Chem. Soc. 3837 (1956) 

* R. L. Marti~ and H. Waterman, J. Chem. Soc. 2545 (1957) 

*) N. V. Sipowick and H. T. Tizarp, J. Chem. Soc. T 187 (1908): T 957 (1910) 
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forms represented in equation (2). Equation (3) then represents the stage in the process 
taking place largely in the organic phase. 

It was found that a small amount of free propionic acid was necessary to prevent 
hydrolysis. The effect of increasing the concentration of free propionic acid was to 
increase the proportion of the cupric propionate in the chloroform phase, presumably 
by increasing the propionate ion concentration and so driving the above equilibrium, 


(1), to the right: 


TABLE | EFFECT OF PROPIONIC ACID ON DISTRIBUTION CONSTANTS 


(moles /1.) 0-039 0-039 0-055 0-055 0-055 0-077 0-077 0-077 
[HPr] (moles/1.) 0-14 0-20 0-115 0-20 0-29 0-16 0-28 0-44 
Kates 0-45 0-34 0-45 0-38 0-32 0-43 0-34 0:28 


Very high concentrations of free propionic acid not only increased the proportion 
of cupric propionate in the chloroform phase, but also changed the form of the distri- 


bution constant. Theoretically, if the propionate ion concentration were constant (as 


it would be in the presence of a large excess of propionic acid), the distribution 


constant should take the form: 


Concentration of copper in aqueous phase 


by Conc. of copper in chloroform phase 


A trend in this direction was in fact observed. the root functions lying between the 


fourth and second roots: 


TABLE 2.—EFFECT OF HIGH CONCENTRATIONS OF FREE PROPIONIC ACID ON 


FORM OF 


DISTRIBUTION CONSTANTS 


[CuPr,] (moles/1.) 0-039 0-039 0-055 0-055 0-055 
[HPr] (moles/1.) 0:20 0-48 0-29 0-69 1-29 
rin , 4 3-5 4 3 2:5 


As would be expected, the addition of very small amounts of sodium propionate 
also increased the proportion of the cupric propionate in the chloroform phase, as 


shown by the fourth-root distribution constants: 


TABLE 3 EFFECT OF SODIUM PROPIONATE ON DISTRIBUTION CONSTANTS 


[CuPr,] (moles/I.) 0-055 0-055 0-055 0-055 0-055 


[HPr] (moles/!.) 0-115 0-115 0-115 0-115 0-115 
[ NaPr] (moles/1.) 0 0-0055 0-0275 0-0385 0-165 
0-45 0-43 0-39 0°36 0-26 


It may be noted that the calculation of distribution constants for these solutions is 


not wholly satisfactory, as the higher concentrations of propionate ion may produce 


side reactions, such as the formation of complex anions in aqueous solution, particu- 


larly when the volume of water is small (Table 7). 


[he anomalous magnetic behaviour, characteristic of the dimeric structures. has 


ak 


been observed in hydrated and anhydrous cupric alkanoates, so that there are three 
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possible forms which the dimeric molecule could take in chloroform solution: 
anhydrous (1), hydrated (11), or solvated S--CHC 


These alternatives should be readily distinguishable by absorption spectroscopy in 
the region 600-900 my: the absorption band in this region is due to d—+ d transitions 
on the copper atom and is consequently sensitive to slight changes in the co-ordination 
of the copper atoms. 

The absorption of the chloroform extracts from the distribution experiments was 
found to be identical with that of a solution of anhydrous cupric propionate in dry, 


¥ 


700 
Wovelength , mse 


FiG. 1.—Absorption spectra of chloroform solutions of cupric propionate, 
and its pyridine adduct, 


alcohol-free chloroform containing 5 per cent of propionic anhydride: the absorption 
of extracts in ether and benzene was also similar, showing that the cupric propionate 
is probably present in each case as the anhydrous, unsolvated form (1). though the 
possibility of weakly bound solvent molecules (III), as Suggested by TsucHiDA and 
YAMADA”? cannot be excluded. 

In form (I) each copper atom has one vacant co-ordination position and reaction 
may be expected with strong donor molecules, such as pyridine. On adding pyridine 
to the chloroform solutions, the absorption band shifted to successively longer 


R. Tsucnipa and S. Yamapa, Nature, Lond. 176, 1171 (1955). 
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TABLE 4 


EFFECT 


OF 


PYRIDINE 


[CuPr.] (moles/I.) 
[py] (moles/I.) 


4 (mss) 


(per g atom Cu) 


TABLE 


[HPr]  [CuPr,] 


(mole/l.) (mole/!.) 


0-039 
0-14 0-039 


0-039 
0-20 0-039 
0-20 0-039 


0-055 
0-115 0-055 
0-115 0-055 


0-055 
0-20 0-055 
2 0-20 0-055 
0-20 0-055 
a 0-055 
0-29 0-055 
0:29 0-055 

0-29 0-055 


0-077 
0-16 0-077 
0-16 0-077 


0-077 
0-28 0-077 
0-28 0-077 


0-077 
0-44 0-077 
0-44 0-077 


0-01 
0 


675 


207 


DISTRIBUT 


ION 


0-01 
0-002 
680 
193 


ON 


0-01 
0-004 
692 


187 


oF CUPRIC 


IN THE 


Chloroform 


(ml) 
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ABSORPTION Of 


PROPIONATE 


0-01 

0-006 
697 
185 


PROPION 


PRESENCE Of 


Water 


(ml) 


0-01 
0-008 
702 


188 


ATE BETWEEN 
FREE PROPIONK 


[Cu] 


Chloroform 


0-O112 
0-002! 


0-0182 
0-0050 
0-0012 


0-0148 
00057 
0-0018 


0-0186 
0-008 1 
0-0037 
0-0018 


0-0261 
0-0136 
0-0068 
0-0035 


0 
0 
0 


0 
0 
0 


0 
0 
0 


0202 
0066 
0025 


0327 
O1S9 
0062 


0423 
0246 
O117 


CHLOROFORM 


0-1 
0-010 
706 
192 


[Cu] 
Water 


0-01 
0-012 
710 
196 


CHLOROFORM 
ACID 


0-1478 
0-0942 


0-1218 


0-0901 
0-0643 


0-1570 
0-1210 
0-0950 


0-1455 
0-1165 
0-0932 
0-0759 


0-1283 


0-1100 


0-0912 
0-0751 


0-1620 
0-1235 
0-0962 


0-1435 
0-1185 
0-0951 


0-1299 
O-1119 
0-0925 


SOLUTIONS OF 


0-01 
0-015 
710 
196 


AND 


CUPRIC 


0-01 
0-03 
710 
196 


WATER 


[Culore 


0-454 
0-441 


0-331 
0-338 
0-345 


0-449 
0-440 
0-460 


0-394 
0-388 
0-380 
0-368 


0-319 
0-322 
0-317 
0-310 


0-279 
0-283 
0-281 


Mean 
k 


0-45 


0-34 


0-45 


0-38 


0-43 


0-34 
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TABLE 7.—DISTRIBUTION OF CUPRIC PROPIONATE BETWEEN CHLOROFORM AND WATER IN THI 
PRESENCE OF LOW CONCENTRATIONS OF FREE PROPIONIC ACID AND SODIUM PROPIONATE 


[HPr] {CuPr,] [NaPr] Chloroform Water [Cu] [Culag mean 
(mole/l.) (mole/l.) (mole/I.) (ml) (ml) Chloroform ate [Culore 


O-115 0-055 0-0055 0-0155 
0-055 00-0055 0-0063 
0-055 0-0055 0-0024 
O-11s 0-055 0-0055 ‘ 0-001? 


O-115 0-055 0-0275 0-0212 
0-055 0-0275 0-008? 
0-055 0-0275 0-0034 
O-115 0-055 0-0275 0-0013 


O-1ls 0-055 O-O3RS 0-0243 
O-OSS 0O-O385 
0-055 O-O385 0-004) 
O-1ls 0-055 0-0012 


O-11S5 0-085 0-16 0-0360 
0-0204 
0-455 0-165 O-O113 
O-115 0-055 O-1¢ 0-0046 


TABLE 6 DISTRIBUTION Of CUPRIC PROPIONATE BETWEEN CHLOROFORM AND WATER 
IN THE PRESENCE OF HIGH CONCENTRATIONS OF PROPIONIC ACID 


[HPr] [CuPr,] Chloroform Water [Cu] 1] Function 
(mole/l.) (mole/l.) (ml) (ml) Chloroform of k 


0-48 0-039 0-0240 0-099) 
0-48 0-039 0-0116 00-0809 
0-48 0-039 0-0047 0-0624 
0-48 0-039 0-0023 0-0514 


0-69 0-0340 0-1035 
0-69 0-0235 0-0965 
0-69 0-055 0-0168 0-O0838 
0-69 0-055 0-0101 0-0735 


0-0393 0-0936 
0-0310 0-O878 
0-0241 0-0774 
0-0175 0-0704 


wavelengths until one molecule of pyridine had been added for each atom of copper; 
further addition of pyridine produced no further shift. 

The observed | : | ratio is unusual for cupric complexes and provides further evidence 
for the dimeric structure (1), which on addition of pyridine can form the pyridine 
adduct (III, S — pyridine). The absorption spectra of the anhydrous complex and 
the pyridine adduct are shown in Fig. 1. 
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0-1540 0-437 
0-1205 0-427 
00941 0-427 0-43 
‘ 0-0772 0-415 
00-1395 0-364 
0-391 
00-0943 0-39] 0°59 
0-0766 0-407 
00-1310 0-353 
1148 0-363 
0-0025 0-367 
0-0767 0-412 
0-0994 0-228 
0O-1010 0-267 
0.02870 0-268 0-26 
0-0754 0-288 
lol. 
11 
0-288 
_{ ul 0-288 
4 \ 0-290 
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0 399 
0-336 
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1:29 0-055 Cul... 344 
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EXPERIMENTAI 
g 0-195 mole of Cupric 


e distribution experiments solutions were prepared containin 
rious concentrations of free propionic acid and 
10 m1 of the solution to 


he copper concentration determined 
are shown in 


Dr 


For the 
After shaking to effect equilibrium, which was reached almost 


opionate (calculated as monomer) per litre and va 
sodium propionate. Three series of experiments were made: (a) by diluting 
lous proportions of water and chloroform, (b) by similar dilution of 20 ml to 70 ml. 


va 


1 


50 ml 


nd (c) by dilution of 20 ml! to 50 ml 
samples were taken from each laver by pipette and t 
he detailed results and calculation of the distribution constants 
SP600 spectrophotometer using cells of 0-2 cm 


instantly 
10dimetrically I 


Tables 5 
Absorption spectra were determined on a Unicam 


path 
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